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ACTIVITY AND RELATED THERMODYNAMIC QUANTITIES; 
THEIR DEFINITION, AND VARIATION WITH 
TEMPERATURE AND PRESSURE 

LEASON H. ADAMS 

Geophysical Laboratory^ Carnegie Institution of Washington^ Washingtonf D. C. 

Received March 14t I9S6 

The behavior of chemical systems can be simply expressed in terms of 
a thermodynamic quantity called chemical potential; in theory as well as 
in practice^ the chemical potential is of great utility, a large number of 
the laws of physical chemistry depending directly or indirectly on rela- 
tions involving this quantity, as shown in detail by Gibbs (6). In the 
application of the relations to actual measurements there have appeared 
to be certain difficulties in computation and presentation. ICspecially in 
very dilute solutions, or in gases at low pressures, the chemical potential 
may be inconvenient to tabulate, and the results do not easily give a clear 
picture of the change in properties of the solution as the concentration 
varies. Presumably for this reason various substitutes for chemical po- 
tential have been proposed and widely used, notably activity, activity 
coefficient, and osmotic coefficient. These arc functions of the chemical 
potential (or of the partial molal free energy) and arc readily obtained 
from it. For most concentrated solutions it has seemed to some investiga- 
tors that the advantage of these derived quantities is questionable. The 
writer in some recent work (2) on the properties of solutions and systems 
under high pressures, involving much computation of thermodynamic 
data, came to the conclusion (1) that for such purposes the chemical po- 
tential was as convenient as any other function. 

On the other hand, we should not lose sight of two important considera- 
tions, first, that the introduction of the function, activity, proved a power- 
ful stimulus to the use of thermodynamics by physical chemists, and sec- 
ond, that today activity and related quantities, rather than chemical 
potential and partial molal free energy, serve as the usual medium for 
expressing the results of thermodynamic measurements on solutions. This 
is strikingly evident from a survey of current articles on the subject in 

‘ For example, in the determination of solubility curves in systems under pressure 
by graphical analysis of the chemical potential of a given component in the various 
phases. 
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various journals. If, for example, we count the pertinent entries in the 
index of Chemical Abstracts for 1934 (the most recent available at the time 
this is written) we shall find references to one hundred and three papers. 
The number of entries for activity is eleven, for activity coefficient forty- 
three, for chemical potential three, for thermodynamic potential one, and 
for free energy forty-five. Of the one hundred and three papers, sixty-one 
are concerned with solutions, eight using chemical potential or partial 
molal free energy, and fifty-three activity or activity coefficient. 

But whether in the study of solutions we prefer to deal with the clas- 
si(^al chemical potential (partial free energy), or with the newer functions 
such as activity, or whether we number ourselves among the very few 
who do not object to using the one or the other as occasion may arise, it 
is important to have the interrelations in unambiguous form and to be 
able to avoid uncertainties in the interpretation of thermodynamic data 
expressed in any of the commonly accepted units. 

'Fhe writer’s att( ntion was directed toward this subject in utilizing some 
measurements on solutions for determining the effect of pressure on activ- 
ity coefficient. Now^ tliat the experimental methods for such measure- 
ments have be<‘n developed, much interesting information will probably 
be obtained, allowing us to observe how^ the various well-known solution 
laws apply to solutions confiiu'd at pressures of 10,000 atmospheres or 
more. It has seemed worthwhile to reexamine critically the definition of 
activity (as well as other related quantities) and to put it in an equivalent 
form that is more amenable to the common mathematical operations such 
as dilft'K* itiation. I his, together with a correlation of the temperature 
and pressure* coefficients of five related thermc^dynamic functions, is the 
object of the present communication. 

DEFINITIONS 

Activity 

The activity of a pure substance, or of a specified comi)onent in a solu- 
tion, is commonly defined (13, 15) in either of two ways: (1) in terms of 
the previously defined* fugacity (12, 16), the activity of the material or 
component being the ratio of its fugacity in the given state to that in 
some ‘'standard state’'; or (2) by the relation 

A - PS « RT In a, ( 1 ) 

* For a critique of lewis' definition of fugacity see G. Tunell (J. Phys. Chem. 
2885-913 (1931)), w’ho showed that the fugacity as used by Lewis and Randall (15) 
is rigorously defined by their equation 14 (Chap. XVII, p. 195), whereas it cannot 
be defined mathematically by their equation 2 (Chap. XVII, p. 191) and the equations 
r* « /* when P* » 0 (Chap. XVII, p. 193). 
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in which 0 % denotes the activity of component 2, T the absolute tempera- 
ture, R the gas constant, A the partial molal free energy (i.e., the chemical 
potential per mole), and the value of A in the “standard state.” Equa- 
tion 1 is also applicable to a pure substance, the subscripts then merely 
identifying the material. While A and oj are functions of temperature, 
pressure, and concentration, is by definition a function only of T, It 
may be noted that for the standard state, P 2 = PI and by equation 1 
Oj = 1. {PI is considered further in the following paragraph.) It is also 
important to note that the numerical value of A involves an arbitrary 
molecular weight or formula weight. The assumed molecular weight is a 
part of the definition of activity; in order to avoid ambiguity we should 
write 

A = Mint (2) 

M 2 being the value taken for the molecular weight, and ^2 being the chemi- 
cal potential per gram. 

The definition of activity is u.sually completed by giving more particu- 
lars concerning the state designated as “standard.” This may be done 
in a number of ways; for example, by letting this state refer to such a 
concentration that the ratio of activity to molality approaches unity as the 
solution becomes more and more dilute. That is, 


lim ^ _ t 
m 


(3a) 


in which m denotes the molality (moles per 1000 grams of solvent). By 
definition this relation holds at any temperature but only at P = 1. It 
should be noted, however, that an activity may be defined (22) in such 
a way that the above limit turns out to be unity at all pressures. 

Let us suppose that an arbitrary value of P\ be inserted in equation 1, 
and that from the 02 so obtained the value of the limit in equation 3a is 
taken. Then if the limit turns out to be finite, although not unity, it 
can be readily made equal to unity by an appropriate change in P\, But 
it is important to note at this point that a priori there is no necessity for 
the limit ever to have a finite value; whether it is finite or not is a matter 
to be decided by experiment or analogy. Lest this seem to be an item of 
no consequence we may observe that unless one particular value is assigned 
to the formula weight, Mt (for a given solute), the limiting value of 02 / m 
will either vanish or be infinitely great. 

In order to demonstrate that the limit can be finite, it is sufficient to 
show that the limiting ratio of to m is finite (A; being a constant). 

For solutes that do not dissociate Gibbs (7) gave an equation for the ap- 
proximate relation in dilute solutions between the potential and the con- 
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ccntration (i.e., the mass, mj, of component 2 divided by the total volume, 
V). The later form of the equation, in which Gibbs utilized a generaliza- 
tion due to van't Hoff, is as follows: 


M 2 H 1 - const. = RT In y (4) 

and this equation has been verified by experiment. At low concentrations 
m 2 /V is nearly proportional to m. Therefore, since Af 2 /i 2 = A, the ratio 
of to m has a finite limiting value; and consequently the limit 

in equation 3a is also finite. 

But although for a large variety of solutes there can be found a concen- 
tration for the standard state such that equation 3a will hold, it will be 
observed in the case of dissociable substances, such as strong electrolytes, 
that equation 3a in the form given will not hold with any possible “stand- 
ard state.’' The equation must then be modified by raising m to the 
power, V, thus. 


lim ^2 
Bm* 


(3b) 


V being the number of parts or ions into which one molecule of the sub- 
stance is assumed to dissociate. The factor, B, which is a constant for 
the given substance, is inserted arbitrarily for a reason explained in a 
later section; it is defined by the relation 

B = (5) 

in which v+ and are the number of the two kinds of ions. Activities 
based on mole fractions, (a 2 )x, and on volume concentrations, (a 2 )c, 
have also been used, and may be evaluated by substituting X 2 , the mole 
fraction of component 2, or C, the number of moles of component 2 per 
1000 cc. of solution, for m in equation 3b. The relation between 02 and 
( 02 ) X is obviously. 


02 N[ 


(6a) 


Ni being the number of moles in 1000 grams of component 1 (solvent). 
Similarly the relation between 02 and ( 02)0 is 


(ai)c 

02 


= Po 


(6b) 


Po being the density of pure liquid 1. Concentrations have been expressed 
(9) in terms of the “modified mole fraction,” Ti, calculated on the basis 
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of the solute being completely dissociated. We may also define an activity, 
( 02 ) K, in terms of F*, and we have 


((h)r ^ 
(U2)x 


(6c) 


If we were to concern ourselves only with solutions of components misci- 
ble in all proportions, the definition of activity could be made much 
simpler; for in that event the “standard state” (in this instance the con- 
centration to which PI pertains) could be — but does not need to be — taken 
as the pure component under consideration. In mixtures of water and 
ethyl alcohol, for example, the activity of the alcohol could be evaluated 
by using the pure alcohol as the fiduciary, or standard, state; equations 
3a and 3b and the limiting behavior in dilute solutions would not then be 
involved in the definition. 

The majority of solutions for which thermod 3 mamic data exist show 
limited miscibility, and even in those that show complete miscibility it 
may be preferred to reckon always from one end of the diagram. In 
general, therefore, the definition of activity has required two equations, 
for example 1 and 3a. It is obvious that a single equation would be more 
convenient for mathematical treatment. 

Now equation 1 defines 02 except for an arbitrary multiplicative constant 
and equation 3 defines the constant. This circumstance led to the fol- 
lowing single equation for defining activity. 


lim m' 


(7a) 


For simplicity we have taken first the special case of a solute that does 
not dissociate. The equation is applied (at a given temperature and 
pressure) by choosing any concentration, w, and determining F 2 — p 2 f 
for a series of concentrations, m', keeping m, and consequently P 2 , constant, 
and then finding by graphical or other means the limiting value toward 
which the ratio on the right hand of the equation tends as m' approaches 
?.ero. Substituting this limiting value in equation 7a we find 02 at the 
concentration m. Here P^ pertains to a fixed pressure, that is, 1. 
This is equivalent to the statement that PI is always to be taken at P = 1. 
It may be noted that although Lewis and Randall specify that the standard 
state of a pure liquid, and also that of a solute, is always taken at unit 
pressure, a similar definite statement is not made for the solute. The 
assumption here made is that the activities of solute and solvent are to 
be defined on the same basis. 

The operation of evaluating the limit as m approaches zero is analogous 
to the operation of evaluating a definite integral. Here m' and P't play 



6 


LEASON H. ADAMS 


the part of variables, and m (or P 2 ) is a parameter corresponding to one of 
the limits of the integral. Moreover, the determination of the limit in 
equation 7a is implied by, and presupposed in, Lewis’ definition; and the 
evaluation of the limit has in effect been carried out whenever 02 has been 
determined. In applying this equation at various temperatures and 
pressures (if it is to conform to Lewis’ definition of activity) we must ob- 
serve that P 2 is a function of T and P, and that P 2 is a function of T but 
not of P. 

That equation 7a is equivalent to the two equations, 1 and 3a, which 
have previously been used to define activity, may be readily shown. We 
may write equation 7a in the form, 


U2 “ 


5,/jjr lim m' 

m'-^O ^P'^/RT 


( 8 ) 


Then for any 02 (the limit itself being constant) we have, after taking 
logarithms, 

RT In 02 = Jp 2 — const. — P2 — P\ 

since P\ is the value of the constant for which 02 = 1. Equation 7a thus 
leads to an equation identical with equation 1. Furthermore, by dividing 
equation 7a by m and taking the limit as m approaches zero, we have 
(at P = 1, since in that event one limit is the reciprocal of the other), 

lim «2 / lim A / Hm \ 1 


which is identical with equation 3a. 

Equation 7a may readily be put in the more general form applicable to 
all classes of solutes. Thus 


02 = P 


lim 

m'-^O 


(m'y 


(7b) 


in which, as before, B By following the same procedure as for 

equation 7a it may be readily shown that equation 7b is equivalent to the 
two equations (1 and 3b) used in the general definition of activity. Here, 
also, P 2 is a function of T and P, and P 2 is a function of T but not of P. 
For purposes of this definition p may be regarded as that number which 
will give a finite value for the limit. With a larger number the limit is 
zero and with a smaller number it is infinite. Experimentally it will be 
found that v is a small positive integer, and is usually in agreement with 
the number of parts into which, from other considerations, the component 
is known to dissociate. 
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In many instances the quantity directly measured is the difference be- 
tween A at a concentration m, and P'i at some fixed arbitrary reference 
concentration. Equation 7b may be put in a slightly different form, which 
is more directly applicable to the data from which 02 is usually determined. 
Inserting (= 1) in equation 7b, and making use of the fact 

that (at P = 1) the value of the limit involving only P 2 and m' as vari- 
ables is the same as that of the limit involving only Pt and m as variables, 
we have 


a 


\/v 

2 




lim 


(9) 


In determining the value of the limit by graphical means it is convenient 
in the case of strong electrolytes to plot the ratio (whose limit is sought) 
against \/m, because at low concentrations a nearly straight line will be 
obtained. This equation is primarily suitable for calculating 02 at some 
fixed temperature and at one atmosphere pressure. For variations in T 
and P, the quantity P^f quantities determining the limits must 

be taken at the given temperature but at a fixed pressure. 

If it is desired to work with logarithms rather than exponentials, we can 
alter equation 9 by taking the logarithms of both sides. But it should be 
noted that a limiting ratio is often less troublesome to work with than the 
limiting difference that occurs in the altered equation. In order to define 
(a 2 )x, the activity based on mole fractions, X 2 or X 2 may be substituted 
for m or m' respectively, in equations 7, 8, and 9; similarly, ( 02)0 may be 
defined by the equations after substituting C and C' for m and m'. 

These equations may be easily applied by an appropriate choice of sub- 
scripts to any component in a solution, the limiting composition, and its 
distinguishing sign, corresponding to one of the pure (liquid) components; 
and the equations readily take the simpler form that suffices for defining 
the activity of a component, when the component itself in pure liquid 
form is chosen as the limiting state (10). If we write the analog of equa- 
tion 7a or 7b with X[ in place of w', the limit being taken as X[ approaches 
one, and note that here Pi has the finite limiting value P* (the value of 
Pi for pure component 1) we obtain an equation, similar to equation 1, 

ai = ( 10 ) 

for completely defining the activity in this instance. The above equations 
may be made more general by using a generalized subscript instead of the 
numerals 1 and 2, which have been used above in order to emphasize the 
fact that more care is needed in the definition and evaluation of the activity 
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of the solute than in the case of the solvent. A more general form of 
definition than equation 7b is, 


a* 


r. lim jxly 


(7c) 


The question sometimes arises as to whether, in the case of electrol3dies, 
the activity, oj, refers to the undissociated solute or to the dissociated 
part, or to something else. In order to avoid confusion it should be care- 
fully noted that, inasmuch as Oj (at a fixed T and P) is proportional to 
and inasmuch as /ij is simply the chemical potential of one gram of the 
solute, then 02 for, say, sodium chloride, as commonly used and as defined 
above, may be regarded as merely the activity of a solute whose condition 
is not qualified except by the statement that its gross composition (in this 
instance) corresponds to the formula NaCl. It may be noted, however, 
that 02 is equal to, or proportional to, the activity of the undissociated 
part, and to the geometric mean of the ion activities. 

Activity coefficient 

As usually defined, the activity coefficient, 7, of a given solute (at P = 
1) bears the following relation to the activity, 02, of the same component, 

7=^ (atP=l) ( 11 ) 

B ' m 

From equation 3b it is evident that 7, defined in this way, approaches 1 as 
a limit, as m approaches zero. Instead of defining 7 in terms of the pre- 
viously defined 02, we may define it directly in terms of ¥2- Upon com- 
bining equations 7b and 11, we have 


m7 


lim 


( 12 ) 


Since this was obtained from equation 10 (with ¥2 having the meaning 
specified in equation 7b), 7, by equation 3b, approaches 1 as a limit only 
at P = 1. Now, from the pressure coefficient of 02 (sec below) it is evident 
that a more general form of equation 3b is 


lim ®2^ iIpbt 


(at any P) 


(13) 


in which I is written for the integral Vt^Py V* being the limiting value 
of the partial molal volume of component 2. Since we wish to have 7 
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approach 1 at all pressures, we therefore divide the right-hand side of 
equation 12 by This is equivalent to adding I/vRT to P'2, which 

originally was always at P = 1 , and thus changing P 2 to the value it would 
have at the given pressure. Hence in order to define y so that for any 
pressure it approaches 1 as w approaches zero, we merely specify that in 
equation 12 as well as is a function of P. That is, Pz and P 2 are 
both taken at the given pressure and temperature. 

For actual calculation of 7 a somewhat more convenient form is obtained 
by combining equations 9 and 11. Thus, 


Q(Fi-F'^')/vRT 


7 = 


m 


lim 

m— *0 


^(Fi-F'^')/pRT 

m 


(14) 


By reasoning similar to that employed in connection with equation 11 it 
follows that here Pz and P'i are both functions of T and P. Of the two 
equations, equation 12 is the simpler, but equation 14 is the more generally 
useful; it is directly applicable to measurements of Pz — P'u such as those 
obtained from the e.m.f.’s of concentration cells without liquid junctions, 
by use of the well-known relation, Pz — P'i = nFE, in which E is the 
E.M.F. of the cell in volts, F is the number of energy units (e.g., calories) 
per volt equivalent, and n is the number of equivalents associated with 
the particular formula weight, Mz, that is used in connection with Pz. The 
sign of Pz — Pz ^^an be kept correct by recalling that Pz always increases 
algebraically with the concentration of component 2 . 

The operation of finding the value of the limit in equation 14 is analogous 
to that used by Lewis and Randall (17) in connection with their equation 
XXVI- 15 for calculating 7 from E. If we take the natural logarithm of 
the limit and multiply by —vRT/nF we obtain the quantity designated 
as E° by Lewis and Randall. 

Other kinds of activity coefficient of the solute, such as 


7x. (= 

based on mole fractions, or 7 c (= based on volume concen- 

tration, have been used, and can be defined by substituting Xz or C, re- 
spectively, for m in the above equations. The interrelations of these 
various activity coefficients may be readily obtained. If the analog of 
equation 12 , containing Xz in place of m, and 7 xj in place of 7 , be written, 
and the one equation divided by the other, we obtain 


X,7x. _ lim X'z _ 1 
^7 ^ m' 


( 15 ) 
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(Ni being the number of moles of solute in 1000 grams). Thence, 

- ■>{* + ffi) - A 

Similarly, it follows directly that 


7c = 7 7^ Po = 7 “■ (16b) 

O Xi 

in which p and po are the densities of solution and solute and Xi is the 
weight fraction of the solvent. We may also define 7^2 (= Y 2 ) 

by substituting Y 2 for m in equation 12, and we have, 


X2 

7k 2 = jT 


(16c) 


Although it is the activity coefficient of the dilute component (solute) 
that is the most useful one in actual practice, the activity coefficient of 
the solvent (or in general the activity coefficient of any component in a 
solution) may be similarly defined in terms of the activity of the component 
and its concentration. If component 1 is the solvent, then both Xi and 
ait ^ defined by equation 10, approach unity in dilute solution. There- 
fore any power of ai, divided by any power of Xi, might be chosen as the 
activity coefficient, for example of water in an aqueous solution. The 
natural choice would seem to be ai/Xi, and this coefficient is the one 
commonly used (11). But it should be noted that in general (02)^ be- 
comes nearly equal to Xi in dilute solution; whence by the well-known 
relation connecting Ci and 02 it follows that in dilute solution Oi is more 
nearly proportional to Xi than to Xi. Accordingly the activity coefficient, 
7x1, of the solvent will be defined by the equation. 


7x1 = 



^{F-Fl)/vRT 

Xl 


(17) 


This of course includes the special case for which v = 1. It may seem 
strange that the definition of the activity coefficient of the solvent should 
involve the factor v, which is entirely a property of the solute. But as 
a matter of fact the definition does not need to involve v; putting in the v 
as indicated in equation 17 merely makes the 7x1, so defined, more nearly 
equal to unity (as a rule), and causes the relations between 7x1 and other 
quantities such as osmotic coefficient (see below) to be more simple than 
they otherwise would be. 

An activity coefficient of the solvent based on Yi, the ^‘modified mole 
fraction,'' has also been used (9, see also 8). The Fi is calculated from 
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the known weight of the constituents by taking the (mean) molecular 
weight of the solute as 1 /v of the formula weight used in calculating Xi. 
The activity coefficient yn is then defined as 



When Xi is nearly equal to 1 , Xi is approximately equal to Tij from which 
it may be shown that yxi and jn have nearly the same numerical values 
for dilute solutions, although they differ appreciably for higher concentra- 
tions. The exact and approximate relations between these two varieties 
of activity coefficient of the solvent are as follows: 



Alternate definition of activity 

By Lewis’ definition of activity does not in general approach unity 
as a limit as m approaches zero, even at P = 1 ; it does so only for di-ionic 
electrolytes or non-dissociablc substances {v equal to 1 or 2 ). This is 
because Ijewis, for strong electrolytes, writes a!}! • al:/a2 as an equilibrium 
constant involving the activities of the individual ions and adopts the 
arbitrary convention ( 20 ) that the equilibrium constant is equal to 1 . 
Now, the activities of the individual ions may be taken as sensibly equal 
to I'+m and v^m, respectively, at high dilutions, and therefore a!!f • aJ'z 
at atmospheric pressure will approach Bm* as a limit as m approaches zero. 
Hence, by the above convention as to equilibrium constant, 02 approaches 
Bni' as a limit (which is in accord with equation 3 b) ; and the factor B thus 
enters into the definition of 02- 

But it would be better for many purposes to define an activity in such 
a way that the factor B would be omitted. This could be done by adopt- 
ing the convention that o^^ d'zla^t equals B rather than 1 . If this were 
done, 02 at high dilutions would approach the limit Bm^lBy or m*'. That is, 

= 1 (at P = 1 ) ( 20 ) 

in which we put [02] for the quantity that bears a simple relation to 02, 
the activity as ordinarily defined (being identical with 02 when v is 1 or 
2 ). Since [02] = Ba^, we may now omit the B in the fundamental defini- 
tion of activity, and write 




lim {m'y 


( 21 ) 
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by analogy with equation 7a. Here, as before, P2 is a function of P and 
Ty and P2 a function of T but not of P. It is thus possible to define a 
useful variety of solute activity, in terms of measurable quantities, without 
any reference to the activities or properties of individual ions, v as stated 
above being merely that number which gives the limit a finite value. The 
only disadvantage of the alternate definition is that [02] is less simply re- 
lated to the activities of the individual ions, and this is offset by the greater 
simplicity of the relation between [o^] and 7. 

As is evident from equation 11, 7 may be defined independently of any 
convention regarding 02] hence the value of 7 is not affected by the suggested 
change in the definition of activity. 

We have, moreover, 

[aVn - myy [aV^x = X2yx,, = Cyc, laV'']y = ( 22 ) 

(at P = 1), and instead of the usual equation, 

p^^ PI yRT In {my) + RT \n B (23) 

we have the simpler equation, 

p, -- [;«] = vRT In {my) (24) 

in which [^2] pertains to a ^^standard state’^ for which not only [oj] but 
also my is equal to 1. 


Osmotic coefficient 

A now familiar thermodynamic function is the osmotic coefficient, in- 
troduced by Bjerrum (3) and originally defined in terms of osmotic pres- 
sure. For any solution, /p, the osmotic coefficient of the solute, may be 
defined as the ratio of tt, the osmotic pressure of the solution, to what the 
osmotic pre&sure would be if the solution followed some ideal-solution law ; 
that is, 


/p = — (25) 

The numerical value of fp thus depends on the particular ideal law that is 
chosen. 

Osmotic pressure and chemical potential (partial free energy) are con- 
nected by the well-known exact relation, 

aPi = Pi — P* = — (T^Oo'w* 4“ Iv (26) 

in which Pi and Pt are the partial molal free energies (at atmospheric pres- 
sure) of component 1 and of pure liquid 1, respectively, (Fi)o is the fictive 
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volume per mole of component 1 in the given solution at atmospheric 
pressure, and is given by 

- j’ dP 

Ap Vi being the difference between the value of Fi at any pressure P and 
that at atmospheric pressure.^ From equation 26 it is evident that the 
ideal-solution law employed to determine Vid also determines (APi)id, the 
value of aPi in the hypothetical solution that follows the chosen ideal 
law. We have, then, 

(aP,)^ = (/„) (27) 

in which (/„) is written for the integral taken between the limits 1 and 

From equations 25, 26, and 27 it follows that 


APi -|- ly 

-(AFi)id + (/.) 


(28) 


The osmotic coefficient, /p, can thus be defined in terms of measurable 
quantities and an arbitrary assumption as to the course of either tt or 
aPi in an ideal solution. Therefore in order to complete the definition of 
/p, we may choose an ideal law for APi, 

For the sake of convenience it is preferable to have a ‘‘law'' that does 
not deviate too much from the actual measurements, and it is necessary 
that in dilute solution (APi)id should approach APi if the limiting value 
of fp is to be 1. Although there are a number of relations that may 
serve the purpose, there appears to be no simple relation that is entirely 
satisfactory for all classes of solutions. The most convenient one for 
many purposes is. 


(aA)m=— (29) 

The well-known expression that includes Raoult^s law and puts 
equal to 22 T In Xi is not even approximately true for solutions of elec- 
trolytes, dilute or concentrated; but a slight modification makes it more 
generally applicable. Thus, if we write 

(aPi)'^ = vRT In Xi (30) 

* For the special case of constant compressibility, or more exactly, of linear 
variation of Vi with P, the term (T^i)ot — becomes equal to x times the value of 
Vi at P/2. See reference 11, pp. 109, 120. 
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the equation conforms fairly well to the actual course of Pi in very dilute 
solutions of electrolytes; and for non-electrolytes (p then being equal to 1) 
it reduces to the familiar form. Another expression nearly equivalent to 
equation 30 in dilute solutions is 

(aPi)-^ = RT In Yi (31) 

Yi being the '^modified'' mole fraction (see above). 

If we choose equation 29 for our ideal-solution law, then by equations 
25, 26, and 28 we have 

fp = (32) 

vRTmlNi + (Iv) vRTm/Ni + (/.) 


Other choices of ideal law would, of course, lead to different expressions 
and to different numerical values of /p. 

Now, /t; is usually small in comparison with the terms to which it is 
added. For example, — APi for a 4.277 molal solution of sodium chloride 
in water at 25®C. is 103.8 cal., vRTm/Ni is 91.3 cal., tt is 243.8 bars (cal- 
culated from AjPi), and Iv is 0.6 cal. The fact that Iv is small suggests 
that another variety of osmotic coefficient^ might be defined by the equa- 
tion. 


— aFi 
vRTm/Ni 


(33) 


It is evident that when, as is approximately so in sufficiently dilute solu- 
tions, equation 29 represents the variation of APi with m, fr will be 1. 
For the purpose of defining /r, the factor p may be regarded as that number 
(usually an integer) which will make fr tend toward unity in dilute solu- 
tion. 

Since /„ and {I v) are nearly proportional to tt* and respectively, an 
approximate relation between fr and fp may be obtained by combining 
equations 32 and 33. Thus, 

/r =/r + 3^^(/r- 1) (34) 

For TT less than 1000 bars the difference between fp and fr is less than 
can be determined by any method that has been used for measuring aPi, 
The two coeflScients, fp and fr, become strictly identical for an incompres- 
sible solution (Iv = 0). Moreover, if not only Iv = 0, but Pi = 
the molal volume of the pure solvent, and if the ideal-solution law is 

* Called the ' 'osmotic coefficient for the chemical potential” by Scatchard and 
Prentiss (J. Am. Chem. Soc. 66 , 1486-92 (1934)). 
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equation 29, then it follows that [widV, the osmotic pressure under the 
specified conditions, would be 

WidW = VN 2 RT (35) 


in which V denotes the total volume of the solution and N 2 denotes the 
total number of moles of solute. This is the van’t Hoff equation in more 
general form (5) on account of the inclusion of the factor v, and indicates 
that if an osmotic coefficient were defined as irV /vN^RT this coefficient 
would, under the assumed restriction (incompressibility and no volume 
change on mixing), be identical with /r. 

Equation 30 suggests the definition of a third well-known kind of osmotic 
coefficient, thus. 


f = 

vRT In Xi 


(36) 


By combining equations 34 and 36 and expanding In Xi, the relation be- 
tween fr and fxvnsLy be expressed as follows, 


(a = = 1 — — 4 . — 

fx^ m/Ni 2Ni SN\ 

Again, a coefficient fr may be defined by the equation. 


(37) 


and we have. 


f = 

RT In Yi 


fr _ ^ vm vhri^ 
fy~ Ml 


(38) 


(39) 


Still another common way of defining an osmotic coefficient® is in terms 
of the freezing-point depression, which by well-known thermodynamic 
equations is directly related to the osmotic pressure of the solution. Let 
us define / by 


/ = 


^id 


(40) 


in which s T® — T' {To being the freezing point of the pure solvent and 
T' that of the solution), and ^id is determined by some ideal-solution law. 

® We might also define an osmotic coefficient in terms of C, the volume concen> 
tration or molality, by substituting C for m in equation 33. 
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The familiar equation for freezing-point lowering in a dilute solution may 
be expressed as follows, 


lim 

^0 


dm NiAHo 


(41) 


in which R is the gas constant, Ni as before is the number of moles of 
solvent in 1000 grams, AHq is the heat absorbed in the melting of one 
mole of solvent at To, and X is a factor defined by the second part of the 
equation (X = 1.858 for aqueous solutions). Now, is conveniently 
defined as m(dT/dm)o, that is, v\m; whence 


/ = 


vXm 


vRTlm/Ni 


(42) 


In order to write an expression for the exact relation between / and one 
of the other osmotic coefficients, we first note the equation given by Lewis 
and Randall (18) for connecting aFi and t?. This is 


~(AFi) 


which is equivalent to 




ACp 

2To 




6T, 


0 


Here 


— In (oi)' = -I- -1- _j- ... 


(43) 


(44) 


and ACp (assumed constant) is the molal heat capacity of the pure liquid 
solvent minus that of the solid. For aqueous solutions, AHq/Tq = 1438 
cal. per degree, ACp = 9, 6 = 5.16 X 10~®, c = 1.8 X 10“*. 

When for a given concentration has been determined, equations 43 
and 44 give aPi and Oi for that concentration and at a temperature equal 
to the freezing point of the particular solution. The APi\^ obtained in this 
way from a series of f?^s thus pertain to various temperatures. Now, fr 
may be calculated from AFi by equation 33, which involves also the 
temperature T, and we designate by the symbols (/r)', (AFi)', and (aO' 
those values pertaining not to a single fixed temperature but to a tempera- 
ture that for each concentration is T' (= To — t?). We have, then, by 
equations 33 and 43, 

JaH, .ACp .,ACp\ 
vRTm/Ni 
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and by equation 42 

(/O' _ r. ACp . aCp 

/ T'V 2AHo 6T^Ho J 


(46) 


Noting that T<j/T' = 1/(1 — t^/To), expanding and neglecting terms 
containing and higher powers of d, we obtain finally 

= 1 + bNiX^vfm + cNiWfhn^ (47) 

The last term in this equation can usually be neglected, and we then have 
for aqueous solutions, 

^ = 1 + 0.00099 vfm (47a) 


Equation 47a is practically the same as that given by Scatchard and 
Prentiss (21). Equation 47 can be put in the following form, 


/ = (/r)' -- 


vm 


cNji^ 

vm 


(48) 


In order to pass from (JrY to fr we may make use of the equation given 
below for calculating the variation of fr with temperature. It should be 
noted that whereas /r, fxyfrt and fp are functions of T, / and (/r)' are not. 
All six of these quantities (by definition) approach 1 as a limit as the con- 
centration of the solute decreases. At m = 0.01 they are practically 
identical, but at higher concentrations they differ appreciably among 
themselves. For example, / for a 4.277 molal sodium chloride solution 
in water is 1.042, (fr)' is 1.051, and at 25®C., /r, fx, /r, and fp are respec- 
tively 1.137, 1.180, 1.223, and 1.138. 


Relation between activity coefficients and osmotic coefficients 

By equation 23 and the well-known equation connecting Pi and A we 
have (at constant temperature and pressure), 

-^dFi = dPt = vBT d In (my) (49) 

m 

Then from equation 33 it follows that 

d(/rWi) = m d In (my) = wi d In 7 + dm (50) 


This equation, in slightly different form, has been given by Bjerrum (4). 
Integrating (temperature and pressure being constant), we obtain 

\ fy 1 r*” 

fr=l-\ / mdln7=*l-f-ln7 / In 7dm 

m Ji m Jo 


( 51 ) 
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since /r = 1 and 7 = 1 , when m = 0. This is an exact relation between 
fr and 7 at any concentration and at a given constant T and P. 

An equation resembling equation 51 but involving / rather than fr may 
also be written. By equation 49, we have, 

— — M In ai = d In 02 = I/d In [my) (52) 

m 

and by differentiating equation 44, the last term being neglected, we 
obtain 


- d In (o,)' i JL d,y + (63) 

iViA 

Now, equation 52 gives the relation between Oi and y (da fixed temperature. 
Nevertheless we may apply the first and last terms to connect (oi)', which 
is the activity at the varjring temperature T', with a number, ( 7 )', which 
is not the activity coefficient but becomes equal to it if Oi is independent 
of T. Combining this modification of equation 52 with equation 53 and 
with the differential form of equation 42 we obtain, 

d In <™y) * 

m vm 

and, by integration, 

1 + 1 r (56) 

m J\ vm 

A closer approximation can of course be obtained by not neglecting the 
term containing in equation 44. 

For aqueous solutions hNi is equal to 0.000286. Equation 54 is essen- 
tially the equation given by Lewis and Randall (19) for connecting ( 7 )' 
with the function j, which is closely related to / (see below). In general 
7 differs from ( 7 )', — by an amount that depends on the heat of dilution. 
In moderately dilute solutions this effect becomes inappreciable and ( 7 )' 
is then (sensibly) equal to 7 . By subtracting equation 48 from equation 
55 it may be observed that 

(/r)' ^ 1+ - ["' mdln ( 7 )' (66) 

m Ji 

The exact relation between /x and 7 x 2 is easily obtained. Since 


_ = dPt = »RT d In (Xtyxi) 

A2 


( 57 ) 
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we have, by applying equation 36, 



d(/xlnXi) = ~ 

d In (Xj 7 x,) 

(58) 

or, by integration, 





(69) 


Furthermore, the relation between 7 x 1 , the activity coefficient of the sol- 
vent, and its osmotic coefficient, /x, is obtained by combining equations 
17 and 36. Thus 

In 7 X 1 = (/x - l)\nX, (60) 

These and other interrelations between activity coefficients and osmotic 
coefficients have been given previously, for example by Guggenheim 
(reference 11, p. 107), who has also pointed out that in dilute solutions the 
activity coefficient of the solvent differs from unity by a much smaller 
quantity than does the osmotic coefficient. This is immediately evident 
from the approximate form of equation 60, obtained by expanding In Xii 

7X1 = 1 + (1 - fx)X2 (61) 

Since in dilute solutions both X 2 and 1 — /x are small quantities, it follows 
that 7 x 1 — 1 has a magnitude that is one order smaller than 1 — /x. 
For example in a 0.01 molal sodium chloride solution at ordinary room 
temperature fx is 0.9703 and 7 x 1 is 1.00000535. In general, for dilute 
solutions, if 1 — 7 x 2 is proportional to or X 2 , then 1 — /x is propor- 
tional to Xl or X 2 , respectively, and 7 x 1 — 1 is proportional to X\ or Xl, 
respectively. Moreover, 1 — 7 x 2 , 1 — fx, and 7 x 1 — 1 have the same 
sign (usually positive in dilute solutions for electrolytes and negative for 
non-electrolytes) . 

It is of interest to note that the factor v in the more general definitions 

7 x 2 > fx, and 7 x 1 does not appear in the transformation equations. On 
the other hand, for the activity coefficient, a\/X\, in dilute solutions we 
have the following approximate relation, 

^ = 1 - (v/x - 1) X, (62) 

Ai 

The. Lems and Randall function, j 

This was devised (14) as an aid in the calculation of activity coefficients 
from freezing-point measurements. It is defined in terms of t?, the freez- 
ing-point lowering, as follows: 



( 63 ) 
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(v being 1 for a non-dissociable solute) and is closely related to one of 
the several varieties of osmotic coeflScients. From equation 42 it is ob- 
vious that 

i = 1 ~ / (64) 

This function, like/, readily determines (APi)' for a given concentration at 
the temperature T', the freezing point of the particular solution. By the 
same procedure used with / it follows that, to a sufficient approximation, 

i m d In (7)' + (66) 

tn Ji vm 

which is one form of Lewis and RandalFs equation, and connects j with 
(7)', the ‘‘uncorrected activity coefficient.^* Since j is uniquely deter- 
mined by (AFi)', it may properly be called a thermodynamic function. 

Other functions 

The van*t Hoff mole number (23) is the ratio of the magnitude of some 
effect, such as freezing-point depression, osmotic pressure, or vapor-pres- 
sure lowering, to the effect expected from an arbitrary ideal-solution or 
dilute-solution law applied to an undissociated substance vdth the assumed 
molecular weight. The effect most commonly used is that involved in 
equations 41 and 42 with v equal to 1, namely, i> = Xm. Accordingly the 
mole number, z, may be defined by the equation. 


^ \m 

(66) 

It follows that 

i = vf 

(67) 

and from equation 55 that 

t — V / main (y) — 

m J\ m 

( 68 ) 


For a solute that does not dissociate i is identical with / ; but of course the 
mole number is ordinarily used only in connection with electrolytes. 

It is also worthwhile to include in our list of the thermodynamic func- 
tions, frequently employed in the study of solutions, the Arrhenius dis- 
sociation factor a. This is the classical “degree of dissociation** and is 
commonly defined in terms of the mole number i. For a di-ionic elec- 
trolyte a is put equal to i — 1, and in general is defined by the equation, 

i — 1 


a 


(69) 
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From equations 55 and 67 wo have an equation connecting a and ( 7 '), 


a = 1 


+ 


V 

{v — l)m 



m d In (7)' 


(v — l)m 


(70) 


Defined in this way i and a are thermodynamic functions in the same 
sense and for the same reason that the osmotic coefficient / is a thermo- 
dynamic function. For a solution of any specified concentration, the 
mole number i determines (APi)' at T' and, if the heat of dilution is Known, 
aPi at any temperature. The same applies to a, which, it may be noted, 
can not be used if 1 / = 1. The conductance ratio, also designated some- 
times by the symbol a, bears no exact relation to the a here defined, al- 
though in many instances the two factors are strikingly similar in mag- 
nitude. 

It is interesting to compare the four quantities: a, the Arrhenius dis- 
sociation factor; z, the vanT Hoff mole number; /, (one form of) the 
Bjerrum osmotic coefficient; and the Lewis and Randall function — each 
of which has played an important part in the development of physical 
chemistry. Their interrelation may be summarized as follows 


(v — 1) (1 — a) = v — i = v(l—f)=^ vj (71) 


VARIATION WITH TEMPERATURE 

Activity 

When once the definition of a quantity has been formulated it is usually 
a simple matter to differentiate the function with respect to temperature 
and thus to find its temperature coefficient. An exception to this rule is 
found in activity as ordinarily defined. If we attempt to find do^/dT at 
constant concentration by taking the derivative of equation 1, we at once 
run into difficulty. This is because (for the solute), in general, pertains 
to a different concentration for each temperature. Solutions of the 
problem have been obtained by utilizing the two equations (1 and 3) of 
the complete definition of (hy an essential part of which is a statement 
concerning the limiting behavior of 02 in an infinitely dilute solution. Al- 
though the correct answer has been given, it appears that the methods 
used for deriving the expression for the change with temperature of the 
activity of the solute have proved troublesome for many serious students 
of the subject. 

On the other hand, the single equation (7b) for defining activity is 
easily amenable to rigorous mathematical treatment. For determining 
the temperature coefficient of 02 at constant composition and pressure we 
note first that the operation of taking the limit is associative with respect 
to the other common mathematical operations, as illustrated by the 
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well-known rule that ^‘the limit of a product is the product of the limits/* 
and second, the familiar relation between F2 and T: 


d(A/T) __ m 
dT T* 


(constant m and P) 


(72) 


ff 2 being the Active enthalpy (per mole) of component 2 (that is, {dH 2 / 
dN 2 )T,p,Ni, ^2 being the enthalpy, or heat content, and and N 2 the 
total number of moles of component 1 and 2, respectively). We note also 
that P 2 and P 2 in equation 7 are functions of T, and that the limit refers 
to a series of values of m' that may be taken to be the same at all temp- 
eratures; m' is not a function of T, Taking the derivative of equation 
7b we have 

^ ^ ^ lim (mO-(j?; S 2 )/RT^ 

dT ^(Fl-F,)/ftr 


_ ^ lim B 2 — B 2 

Let the limiting value of ^2, as m' approaches zero, be ^2- (By experi- 
ment it is known that (R 2 — ^2) has a finite and readily determinable 
limit.) Then, 

(const. P and m) (73) 

It might possibly have been somewhat simpler to take the logarithm of 
both sides of equation 7b before taking the derivative. The derivative 
of ln(a2)jr, of In (02)0, and of ln(a2)r will be found to be the same as that 
of In 02. By changing subscripts in equation 73 we obtain d In Oi/dT (also 
at constant composition and pressure). The quantity ff* that occurs 
here is the molal enthalpy (heat content) of the pure solvent. 


Activity coefficient 

The variation of 7 with temperature offers comparatively little diffi- 
culty; it may be obtained in a variety of ways, for example by taking the 
derivative of equation 12, which yields the expression, 

^3^ = - (const. P and m) (74) 


and the same for d In 7x2 /dT, for d In7r2 /dT, and for d In 7c/dT. 
arly, from equation 17, 


d In Til _ _ - S* 

vRT* 


Simil- 


(const. P and m) 


(76) 
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and the same for d In yy^ /dr, except that the v is omitted. The “uncor- 
rected’' activity coefficient, ( 7 )', can not be considered a function of T, 


Osmotic coefficient 

The variation of fr with temperature, obtained by taking the derivative 
of equation 33, may be expressed as follows: 


If ^Cpi is the (constant) difference between the Active molal heat capacity 
of the component 1 and the pure solvent, then the integrated form of 
equation 76 is. 


u, - (/.)0 - - - <^) . 

+ + (77) 

n\f_ 

) 'P 


/ (AffOi 

V T 


J12 
2 aCpi 


in which d = T -- T' and (aRi)t = Bi — St at 1\ P]quation 77 is in 
convenient form for calculating fr at a fixed temperature T, when (/r)' at 
a given temperature T' is known. Incidentally the equation closely re- 
sembles equation 44. It may be noted that the determination of 7 from 
/ (or from i, j, or a) would involve the calculation of (fr)' by equation 47 
or 48, the calculation of fr by equation 77, and the calculation of 7 by 
equation 51. 

From equation 36 we obtain the expression, similar to that for fr, 


dfx _ Ri- Rt 

dT vRT^ In 


(78) 


The equation for dfy/dT is of the same form (without the v). An ex- 
pression for dfp/dT can be written, but it is somewhat complicated. The 
other variety of osmotic coefficient, /, is not a function of temperature; 
the same applies to i, j, and a. 


VARIATION WITH PRESSURE 

Activity 

The change of Oj with P (at constant m and T) can be obtained from 
equation 7, or still more easily from equation 1, since by definition is 
not a function of P, — ^which accounts for the fact that the variation with 
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P is more simple in form than the corresponding variation with T, We 
have then (since dF 2 /dP = Fj), 

== ^ (const, m and T) (79) 

and the same expression for (a 2 )x, ( 02 ) 0 , or ( 02 )^. The quantity F 2 is 
the Active volume of component 2 (per mole). Similarly, from equation 
10 we have, 

^ (const. and T) (80) 

Activity coefficient 
From equation 12 we obtain, 

(const, m and T) (81) 

This may be put in the integrated form. 

In 7 = (In 7)c_i + dP (82) 

Here F* is the limiting value of F 2 as m approaches zero, and AxF 2 is 
written for F 2 — F* at any pressure, P. The same expression is ob- 
tained when 7 x 2 > lYit or yc is substituted for 7 . 

It is well known that if, as is true for strong electrolytes in dilute solu- 
tion, ln 7 = —com* (co being a function of T and P but not of m) then S 2 — 
R* is proportional to m* and Ri — Hi is equal to — m (^2 — 

From this it follows that for such solutions (a In y/dT)p^^ = ^idfr/dT)p^m- 
This relation is in agreement with, and might have been derived from, 
the relation shown by Lewis and Randall (reference 15, p. 346) to exist at 
low concentrations between In 7 and j, which in dilute solutions is ap- 
proximately equal to 1 — fr. 

From equation 10 we have also 

d In 7 t? 

‘ (const. Xi and T) (83) 

On the other hand, for the other varieties of activity coefficient (of the 
solvent), Oi/Xi and 7 ^^, we have equations similar to equation 83 except 
that the v is omitted. 
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Osmotic coefficient 

The change of fr and of /x with P is obtained directly from equations 
33 and 36, respectively. Thus 


d/r _ 
dP 

pRTm/Ni 

(const, m and T) 

(84) 

d/x _ 


(const. Xi and T) 

(85) 

dP 

vRTln Xt 


The equation for dfy/dP is obtained by replacing v In Xi by In Yi. 

It may be noted that by experiment it has been found that for all types 
of solutes the limit of (Fi — as m approaches zero, is zero. This 

is in accord with the definition of /r, by which fr has the limiting value 1 
at all pressures. In dilute solutions of strong electrolytes it is known that 
t ^2 ~ V'* is proportional to m*; whence, Vi — V* is equal to — m(F 2 — 
F* )/3iV'i, and (d In y/dP)T,m ==^^i^fr/dT)T,m for such solutions. 

The derivative of fp with respect to P can not be written, because from 
the method of defining it fp can not be considered a function of P. If 
fp were defined (more generally) on the basis of an osmotic pressure, x, 
measured from P as a starting point, then fp obviously would depend on 
P, and dfp/dP would have a meaning. 

Since /is a function of (aFi)' it is also a function of P — although not of 
T, because (APi)' is at a predetermined temperature. An expression for 
d//dP can be obtained, but the complete equation is rather complicated, 
and it will suffice, for the present, to note that in dilute solutions, or when- 
ever — is negligible, / is nearly equal to fr and therefore 


,dP/„t vRTm/Ni 


(approx., in dilute solution) 


( 86 ) 


Under the same conditions a similar expression can be written for the 
variation of t, /, and a with pressure. 


ST^MARY 

It is shown that activity may be defined by a single equation equivalent 
to the two equations of the usual definition. This equation is easily 
amenable to mathematical operations such as differentiation. 

It is furthermore suggested that activity be defined so as to omit the 
factor • vZ that appears in the customary definition of the activity of 
an electrolyte. 

Several varieties of activity coefficient, osmotic coefficient, and other 
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related functions are in common use. A number of these are defined and 
correlated, and their derivatives with respect to temperature and pres- 
sure are given. 
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I. SYNTHESIS 

A. Introduction 

Benzopyrylium salts are salts of the basic benzopyranols (I), usually 
with mineral acids, which may be isolated as such or as double salts with, 
for example, ferric chloride. They are represented in this review by the 
general formula II, except in the discussion of their structure, and the 
numbering of the substituents is as shown. The salts usually possess a 
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substituent in the 2-position, although unsubstituted salts have been de- 
scribed, as for example, the 3-isopropylbenzopyrylium salts of Decker 
and Fellenberg (30). When the 2-8ubstituent is a phenyl group the salts 
are usually referred to as flavylium salts, following the nomenclature of 
flavones in the chromone series, and Robinson and Walker (103) have 
recently suggested that, on the same basis, the term ‘^benzopyrylium” 
should be replaced by ‘^chromylium.^’ 

The history of the synthetic salts commences with the conversion by 
Feuerstein and Kostanecki (40) of salicylidenediacetophenone into 4- 
phenacylideneflavene, the anhydro base of the 4-phenacylflavylium salts. 
The first actual salts were prepared by Bulow and Wagner (18), although 
their existence had been predicted by Hewitt in the previous year (62). 
Since their discovery these salts have assumed importance owing to, first, 
the theoretical speculations they have given rise to with respect to their 
structure and, second, the researches of Willstatter which established their 
relationship to the natural anthocyanins. The latter has led to a con- 
siderable extension of synthetic methods, notably by Robinson and his 
collaborators. Reviews of the natural products have already been given 
by Robinson (98, 99, 100), and it is not proposed to deal with them here 
except insofar as they affect either the synthetic methods for the produc- 
tion of benzopyrylium salts or the problem of their structure. 

B. The condensation of diketones (or hydroxymethylene ketones) with 

reactive 'phenols 

This synthesis was introduced by Bulow and his collaborators in an 
attempt to prepare representatives of the reduction products of the ketone 
group in chromones (15, 16, 17, 18, 19). They found that the condensation 
of 1,3-diketones or of 1 , 3-aldehydoketones with phenols in the presence 
of a dehydrating agent led to derivatives of substituted 1 ,4-benzopyranols. 
The following scheme represents the course of the reaction between acetyl- 
acetone and resorcinol in the presence of hydrogen chloride. Similar 
compounds were also prepared from phloroglucinol and pyrogallol. 


Cli, OH 
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According to Bulow and Wagner (19) the condensation of resorcinol 
and benzoylacetone in glacial acetic acid solution by means of hydrogen 
chloride leads to the formation of 4-methyl-7-hydroxyflavylium chloride, 
which they described as a yehow crystalline solid having one molecule 
of water of crystallization attached to it. A brownish-yellow, less soluble 
modification also mentioned was not further investigated. It is apparent 
that in the case of an unsymmetrical diketone like benzoylacetone two 
possible products may be formed, namely, 4-methyl-7-hydroxyflavylium 
chloride and 2-methyl-4-phenyl-7-hydroxybenzopyrylium chloride. Bu- 
low and Wagner established the constitution of their compound by alka- 
line hydrolysis to acetophenone and resacetophenone. Buck and Heil- 
bron (14), repeating this preparation, found that the product agreeing 
with that described by Bulow and Wagner contained 0.5 mole of resorcinol 
so firmly attached that it was not removed by repeated crystallizations. 
They modified the procedure by replacing the glacial acetic acid by 80 
per cent formic acid and thus obtained the salt either anhydrous or con- 
taining one mole of water. The difference depended on very small modi- 
fications of the procedure. The latter compound, they suggest, may not 
be a true pyrylium salt but the hydrochloride of the open chain unsatu- 
rated ketone (III). 

hoAoh 

IsJc(CH,)=CHCOC,H6 

III 


In utilizing the reaction for the synthesis of 3,5,7,4'-tetrahydroxy- 
flavvlium chloride by the condensation of phloroglucinol and anisyl 
a-methoxy-/S-b ydroxy vinyl ketone 



lOH 


CO< >OCHa 

+ ioCH, 



I^OCHs 



' Malkin and Robinson (80) found evidence of what they termed epi- 
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pelargonidin chloride dimethyl ether (IV) formed by condensation as 
follows. 


H 



+ 


CHOH 

iiocH, 

CO< ^OCH, 



Cl 


A further illustration of the caution which must be exercised in the use 
of this reaction is afforded by a recent paper of Robinson and Walker 
(102), who found that the condensation of resorcinol and bcnzoylanisoyl- 
methane results in the formation of a difficultly separable mixture of salts 
(V and VI). 



A reaction which may be considered as an extension of Bulow^s synthe- 
sis was described by Weidel and Wenzel (108). It consists in the conden- 
sation of an o-hydroxybenzaldehyde with a reactive phenol under the in- 
fluence of hydrogen chloride to form a xanthylium salt. 
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C. The condensation of o-hydroxy aldehydes with ketones 

This method for the preparation of benzopyrylium salts was outlined 
in notes by Decker (26) and Perkin and Robinson (87) and was more 
fully described in the following years by Decker and Fellenberg (28, 29) 
and Perkin, Robinson, and Turner (88). It has proved to be one of the 
most widely used synthetic methods and many modifications of the origi- 
nal synthesis have been introduced. The reaction is typified by the fol- 
lowing scheme of the condensation between resorcylic aldehyde and 
acetophenone which, in the presence of hydrogen chloride, results in the 
formation of 7-hydroxyflavylium chloride (VII). 
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CHj 
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\/ 

VII 


Cl 


Although it breaks down in the case of the simplest flavylium salt, the 
reaction is capable of very wide application. Both the aldehyde and the 
ketone appear to be variable at will. As instances of its wide utility may 
be cited the preparation of such compounds as 8-methoxy-2,3-indeno(l , 
2) benzopyrylium ferrichloride (VIII) (101) and 8-methoxy-/8-naphtha- 
coumarano-(iS,a,2,3)benzopyTylium ferrichloride (IX) (95). 



By the employment of w-substituted acetophenones Robinson and his 
collaborators have succeeded in preparing numerous 3-substituted flavyl- 
ium salts related to the naturally occurring anthocyanidins. The vigor 
,of the reaction may be judged from the fact that 7 -hydroxy-3, 6, 4'-tri- 
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methoxyflavylium chloride (X), which is prepared nonnally from 2-methyl- 
phloroglucinaldehyde, may also be obtained by the same procedure from 
2,6-dimethylphloroglucinaldehyde, the latter reaction involving the elimi- 
nation of the o-methyl group. 


HO^OH CO< >OCHa 

\/CHO + in^OCHa \ 
CHaO \ 


HoAoCHa ^ CO< >OCHa / 

^CHO CHaOCHa 
CHaO 




HOp/^y-< >OCHa 

IJ^OCHa 

CHaO ^ 


Cl 


The method is not without its difficulties however. The polyhydroxy- 
benzaldehydes are not easily condensed, and in their earlier synthetic 
work Pratt and Robinson (92, 93) used the methylated aldehydes and 
demethylated the subsequent fiavylium salts. This procedure had its 
drawbacks and a search was made for groups that would afford the maxi- 
mum of protection to the hydroxyl groups combined with the minimum 
difficulty in their removal. This led to the introduction first of the acetyl 
derivatives and later of the benzoyl derivatives (see references 95, 96). 

A further difficulty arises in the preparation of the 2-methylbenzopy- 
rylium salts by this method. In this case the desired salt may be accom- 
panied by appreciable quantities of the 2-vinyl derivative (XI) as a result 
of further condensation between the aldehyde and the reactive 2-methyl 
group (30, 31, 32, 76). 




HO 

Q^^^ch=ch<( )> 


X 


XI 


The latter compounds readily pass over into the corresponding spiro 
pyrans (XII) which, in some instances, may form the sole product of the 
reaction (30, 32, 104). 


HO 

^^CH=CH< > 
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As in the case of Bulow’s method the reaction may, when the ketone 
contains both a methyl and a methylene group, proceed in either of two 
directions. It has generally been accepted that the former or the latter 
will be reactive towards aldehydes according to whether the condensation 
is carried out in alkali or acid (6, 4G, 47, 55, 56). Thus a ketone of type 
CH3COCH2R would lead to either 2-mcthyl-3-R- or 2-R-mcthylbenzo- 
pyrylium salts (XIII and XIV) depending on whether it was condensed 
directly by acid to the salt or indirectly by alkali through the chalcone 
(see later). 



In conformity with this. Decker and Fellenberg (30) prepared 2,3-di- 
methylbenzopyrylium chloride by direct condensation of methyl ethyl ke- 
tone and salicylaldehyde with acid and 2-cthylbcnzopyrylium chloride 
from the same starting materials via the chalcone prepared in alkali. 

The generalization cannot be accepted too literally, however, since ex- 
ceptions to it have been recorded by Stoermer and Wehln (106), Gheor- 
ghiu and Arwentiew (45), Lovett and Roberts (78), and Heilbron and 
Irving (60). 

Reference has been made to the preparation of the salts by preliminary 
condensation of o-hydroxy aldehydes and ketones to chalcones which 
undergo ring closure in the presence of acids. This modification was 
generalized by Pratt and Robinson (90), and its importance will be ap- 
parent from the preceding paragraphs. It provides a method for the 
isolation in a state of purity of intermediate compounds which can hardly 
give rise to ambiguous results. Its importance is enhanced by the many 
solvents which have been suggested for the original condensation with 
acids. The condensation, which does not invariably proceed smoothly, 
has often been assisted by a change of solvent. Hence the reaction has 
been carried out in the absence of solvent, by condensation with concen- 
trated aqueous acids either in the cold or with heating, and in a variety 
of solvents such as alcohol, ether, glacial acetic acid, formic acid, acetyl 
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chloride, and ethyl acetate. Of these the most usually employed is glacial 
acetic acid. The use of some of the others is attended by uncertainties 
as to the part that they may play in the reaction. Pratt and Robinson 
(91) found that formic acid, for example, might enter into the condensa- 
tion, and its use was later generalized for the production of xanthylium 
salts (57). 

The preparation of the chalcones is often accompanied by the formation 
of o-hydroxybenzylidenediketones, and by slight modifications of the pro- 
cedure the latter can be made the principal products of the reaction (23, 
31, 40, 64, 69). Since similar benzylidenediketones without an o-hydroxy 
group can be prepared by the agency of hydrogen chloride (12, 105), it is 
evident that the condensation of o-hydroxy aldehydes and ketones to give 
benzop 3 Tylium salts may result in the formation of appreciable quantities 
of the corresponding diketones. Besides diminishing the yield of the 
desired product, these compounds are capable of forming 4-phenacyl- 
flavylium salts (XV), which may contaminate the final product (65). 
This has actually been shown by Hill and Melhuish (66) to occur in the 
case of the condensation of salicylaldehyde and p-methoxyacetophenone 
in ethereal solution, and the formation of such 4-substituted salts as by- 
products of the direct condensation cannot therefore be overlooked. 



CH2COR 

CH2COR 



D. The Grignard reaction with benzopyrones 

Like the last-described synthesis this procedure was first introduced by 
Decker (26). Bunzly and Decker (20) had previously found that the 
action of alkylmagnesium halides on xanthone led to xanthylium salts; 
the reaction was extended to coumarins and described by Decker and Fel- 
lenberg (28, 29) who, by its use, prepared both 2-alkyl- and 2-aryl-benzo- 
pyrylium salts. The reaction, generalized in the following scheme, was used 
by Willstatter for the synthesis of anthocyanidins from 3-methoxycou- 
marins (113, 114, 115). 
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In 1926 Heilbron and Zaki (61) published an extension of the reaction 
to the preparation of 4-substituted benzop 5 rrylium salts by the interaction 
of phenylmagnesium bromide and 2,3-dimethyl-7-methoxychromone. 


CHi 


Os 
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Ml I / 


\/^co^ 


CCH, 



A careful study of this reaction has been made by Lowenbeiii (75) and 
by Heilbron and Hill (58). According to Houben (68) the interaction of 
alkylmagnesium halides and coumarin led to the formation of 2,2-dialkyl- 
A®-chromenes, while phenylmagnesium bromide gave rise to a diphenyl- 
o-hydroxyst 3 rrylcarbinol. Lowenbein showed that the supposed carbinol 
of Houben was in reality 2,4-diphenylchroman-2-ol, which can be con- 
verted easily by the action of glacial acetic acid into 2, 4-diphenyl- A 2- 
chromene. He also obtained a 2,2-diphenyl-A*-chromene. Heilbron and 
Hill then established the conditions under which these compounds were 
formed. They found that 3-methyl- and 3-phenyl-coumarin both yielded, 
on treatment with an excess of phenylmagnesium bromide in the hot, the 
corresponding chromanols (XVI), which were readily dehydrated on heat- 
ing with glacial acetic acid to the A^-chromenes (XVII). 4-Methyl- and 
4-methoxy-coumarins, on the other hand, yielded under the same condi- 
tions 2,2-diphenyl-A^-chromenes (XVIII), the constitution of which was 
established by alkaline hydrolysis. These results led to the conclusion 
that the primary reaction of the Grignard compound followed a common 
course, the ultimate formation of A^- or A*-chromenes being influenced 
solely by the position of the substituent in the pyrone ring. 

In none of these reactions were benzopyrylium salts isolated, and it was 
later shown by Heilbron, Hill, and Walls (59) that their production is 
dependent on the conditions of the experiment and to some extent at least 
on the nature as well as the position of the substituents. It is necessary 
to carry out the reaction in dilute solution at room temperature, and under 
these conditions 3-substituted coumarins are converted smoothly and in 
good yields into the corresponding 3-substituted flavylium salts. 4-Sub- 
stituted coumarins under the same conditions give only small quantities 
of the desired flavylium salts, much of the coumarin being recovered un- 
changed. Attempts to increase the yield of flavylium salts by employing 
more concentrated solutions result only in the formation of diaryl-A*- 
chromenes without an increase in amount of the monoaryl derivatives. 
The effect was particularly marked in the cases of 4-methoxy- and 4,7- 
^ dimethoxy-coumarins, neither of which could be induced to give a flavyl- 
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ium salt. Reaction either failed to occur or, under more drastic condi- 
tions, resulted solely in the production of substituted A®-chromenes. 


E, The redwiion of Jlavones 

In 1914 Everest (39) claimed to have synthesized several anthocyanidins 
by the reduction of flavones with zinc dust and hydrochloric acid. The 
experiments were qualitative only and in no instance was the salt isolated, 
so that the first synthesis of an anthocyanidiii must be credited to Will- 
statter and Mallison (111), who reduced quercetin in methyl alcoholic 
hydrochloric acid to cyanidin chloride (XIX), using magnesium, zinc dust, 
or sodium amalgam as the source of hydrogen. The yield was exceedingly 
small and the product was difficult to isolate. 
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A similar reduction was reported by Robertson and Robinson (97), who 
acetylated and reduced rhamnetin by zinc dust in boiling acetic anhydride 
solution. The product of the reaction was hydrolyzed by alcoholic hydro- 
chloric acid with the formation of rhamnetidin chloride. The yield was 
again poor and other substances were formed as by-products. 

The method has been criticized by Malkin and Nierenstein (79) on the 
ground that the reduction of other ketonic compounds in acid solution 
leads to the formation of dimolecular products. They repeated the work 
of Willstatter and Mallison and of Robertson and Robinson, and claimed 
that the products described by these authors as flavylium chlorides were, 
respectively, quercetylene chloride (XX) and 7,7-dimethylquercetylene 
chloride (XXI), formed according to the scheme on page 38. 

No such difference of opinion can hold for the alkaline reductions de- 
scribed by Asahina and Inubuse (3, 4) and Asahina, Nakagome, and 
Inubuse (5). These authors reduced the fiavones apigenin and acacetin, 
and the flavanones naringenin, sakuranetin, hesperitin, eriodictyol, and 
homoeriodictyol. The reduction was carried out by suspending the 
fiavone or flavanone in water and treating it with sodium amalgam. After 
the removal of the mercury the products gave with hydrochloric acid the 
expected flavylium chlorides, e.g., apigenidin chloride from apigenin, 
acacetinidin chloride from acacetin etc. 

They were unable to reduce quercetin itself by this means, although 
they succeeded in converting pentamethylquercetin into pentamethyl- 
cyanidin chloride. The lack of success with quercetin they attributed to 
the presence of the free pyrone hydroxyl group. To test this they treated 
rutin (quercetin rhamnoside with the sugar attached to the pyrone hy- 
droxyl) in the same way and obtained a product which after hydrolysis 
with boiling hydrochloric acid yielded cyanidin chloride. 

F, Oxidation reactions 

It will be realized from what has gone before that the successful produc- 
tion of benzopyrylium salts depends on the state of oxidation of the pyrone 
ring. Similar compounds of a higher state of oxidation (e.g., flavones) 
may be reduced to the correct state, while in the condensation reactions 
first described, the reactants are already in the right state of oxidation so 
that only the elimination of the elements of water is necessary. It is ap- 
parent that compounds such as chromans are in a lower state of oxidation 
than the benzopyrylium salts, and it might be anticipated that a number 
of syntheses should be reported involving the oxidation of such com- 
pounds. The procedure has not been systematically investigated to the 
same extent as the previously described methods, a number of isolated 
and apparently unrelated syntheses alone being recorded. 
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Lfowenbein (75) found that the isomeric 2,4-diphenyl-A*- and A*- 
chromenes could be oxidized by ferric chloride (or phosphorus pentachlo- 
ride or iodine) in acetic anhydride to the same 4-phenylflavylium salt; 
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similar oxidations were reported by Lowenbein and Rosenbaum (78). 
Dilthey (33, 34) has used ferric chloride extensively as an oxidation agent 
for the preparation of substituted pyrylium salts, and Hill (66), using the 
same reaction with salicylidenediketones, has found that by slight varia- 
tions in the conditions, either substituted pyrylium salts or flavylium salts 
resulted. In the same communication Hill also reported the preparation 
from 4-phenacylflavenes of flavylium salts and 4-phenacylflavylium salts, 
both of which were formed by oxidation reactions by a mechanism which 
is still obscure. The anhydro bases of the latter compounds are formed in 
60 per cent yield by the action of glacial acetic acid on the diketones, the 
remainder of the diketone being converted into dihydrochalcone. In this 
case, therefore, chalcone acts as the oxidizing agent. Two recent reac- 
tions which have resulted in the production of pyrylium salts are of in- 
terest in this connection. In the preparation of syw-trianisylbenzene by 
the condensation of p-methoxyacetophenone under the influence of a mix- 
ture of concentrated sulfuric acid and potassium pyrosulfate, Davis and 
Armstrong (25) found that a part of the product consisted of a 2,4,6- 
trianisylpyrylium salt. Similarly, Dovey and Robinson (38) found that 
acetophenone was converted to 2,4,6-triphenylpyTylium borofluoride in 
the presence of boron trifluoride. In both of these cases there is a loss of 
a methyl group, although in neither case could methane or its oxidation 
products be detected. 

Another oxidation reaction in which ferric chloride was used as the oxi- 
'dizing agent was described by Perkin, Ray, and Robinson (86), who found 
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that 7-methoxy-3-veratrylidenechromanone (XXII) could be oxidized and 
condensed by ferric chloride in acetic anhydride to form 6,7-dimethoxy- 
2 , 3- [7'-methoxychromano-(4' , 3') ]benzopyrylium ferrichloride (XXIII) , 
the constitution of which was later confirmed by its synthesis in the usual 
manner from 4 , 6-dimethoxysalicylaldehyde and 7-methoxychromanone 
(73). 
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A recent oxidation method which may be regarded as an extension of 
Bulow’s synthesis has been described by Robinson and Walker (102). 
It involves the condensation of a reactive phenol with an unsaturated 
aldehyde or ketone in acid solution and in the presence of an oxidizing 
agent. The particular agent employed was chloranil, and the authors 
.showed that the unsaturated ketone used does not orient itself in both of 
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the possible ways but gives one product only. Thus, anisylideneaceto- 
phenone and resorcinol yielded only 7-hydroxy-4-anisylflavylium chlor- 
ide (XXIV). In this respect it differs markedly from the Bulow S 3 m thesis 
and should prove a valuable acquisition to the synthetic methods. Its 
wide applicability was demonstrated by the preparation of many different 
types of benzopyrylium salts. 

Chloranil was also used in conjunction with phosphoryl chloride in an 
oxidative synthesis described by Miller and Robinson (82). They pre- 
pared 2-methyl-5,6-naphtha(l,2)benzopyrylium ferrichloride (XXV) by 
the ring closure and oxidation of /3-(2-hydroxy-l-naphthyl)ethyl methyl 
ketone followed by conversion into the ferrichloride. 


CH2CH2COCH3 




FeCh 


A recent oxidation reaction described by Appel and Robinson (1) con- 
verts d-catechin, dissolved in technical dioxane, into a bromocyanidin 
tetramcthylether bromide by means of bromine. 

The use of phosphorus oxychloride was advocated by Goswami and 
Chakravarti (51, 52) for the condensation of phenols and coumarins to 
form benzopyrylium salts, but their results are not conclusive, the com- 
pounds obtained not always agreeing with previously described salts of 
the same constitution. 


II. STRUCTURE 

A, Introduction 

The skeleton of the benzopyrylium salts as used so far in this review 
has long been regarded as established. Werner (109) and Decker and 
Fellenberg (29) both postulated the existence of the oxygen heterocyclic 
ring on the basis of their analytical results, and the synthetic methods 
employed have supported this view. Conclusive proof of this skeleton 
was, however, afforded only recently by the oxidation reactions of Dilthey 
and Quint (94) and Dilthey and Hoeschen (36), who obtained recognizable 
degradation products from which no part of the original carbon skeleton 
had been lost. Thus, 3-methoxyflavylium perchlorate was oxidized by 
hydrogen peroxide in glacial acetic acid to the benzoate of methyl o-hydro- 
xyphenylacetate (XXVI). 
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The real interest of the constitution of this group has since rested in the 
fine structure of the oxygen ring and in the mode of attachment of the 
acid radical. These two considerations have given rise to much specula- 
tion, and a number of different formulas have been proposed for the salts. 
These fall into three groups depending on whether the anion is regarded 
as attached to the oxygen (the oxonium theory), to the organic complex 
as a whole (the centric theories), or to one of the carbons of the oxygen 
ring (the carbonium and carbenium theories). 


B. The oxonium theory 

In their first communication on benzopyrylium salts in 1901, Bulow 
and Wagner (18) considered the compounds to be carbonium salts, but 
in later papers in the same year they viewed the acid as attached to a 
quadrivalent oxygen. Werner (109), in the same year, concluded that 
the xanthylium salts which he had prepared by reducing xanthones with 
zinc dust and alcoholic alkali and subsequent treatment of the resulting 
xanthydrols with acids, were anhydro compounds with the anion attached 
to the oxygen of the heterocyclic ring. 

The jjossible quadrivalence of oxygen was suggested as early as 1864 
by Naquet (83, 84), but it was not until 1875 that Friedel (43, 44) ob- 
tained a methyl ether hydrochloride to which the following constitution 



XXVII 


(XXVII) was given. Heyes, in 1888, in order to explain the differences 
between certain inorganic peroxides, suggested that oxygen might have a 
valency greater than two (63). In the same year Meldola (81) suggested 
that the oxygen atom in the azo-/3-naphthols might be quadrivalent, and 
in 1897 Bruhl (13) advocated the quadrivalence of oxygen in hydrogen 
peroxide. In the meantime compounds of organic substances and acids 
had been prepared by Baeyer (7), Dale and Schorlemmer (24), Wallach 
and Gildemeister (107), and Perkin (85). All these authors explained 
their results on the basis of the accepted valency theory, but in 1899 Collie 
and Tickle (22) published a paper on the salts of dimethylpyrone and 
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quadrivalent oxygen, in which they rejected formulas XXVIII and XXIX 
in favor of a formula (XXX) resembling that for dimethylpyridone 
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the salts were highly colored, and the new formula allowed the adoption 
of a quinonoid structure in line with the theory of color just then coming 
into prominence. In their view the third and fourth bonds of the oxygen 
would be very weak, but according to Baeyer and Villiger this is not neces- 
sarily true (9, 10, 11). In the year following Collie and Tickle (22), 
Hewitt (62) extended their views to account for the fluorescence of some 
compounds in acid solution and suggested that diphcnylpyrone should 
be represented either by the quinonoidal quadrivalent oxygen compound 
(XXXII) or by the symmetrical oxonium compounds (XXXIII and 
XXXIV). 

The xanthonium salts of Werner (109) and the benzopyrylium salts of 
Bulow and Sicherer (16) were therefore represented by formulas XXXV 
and XXXVI, respectively, and the latter, by simple loss of the elements 
of water, is readily obtained as the true anhydro oxonium salt correspond- 
ing to formula XXXV. 
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Decker and Fellenberg (28) commenced their investigations on the basis 
of the oxonium theory, and maintained that the success of their researches 
was in itself good evidence for the correctness of the theory. As a further 
point in favor of the oxonium structure they adduced the gradation of 
stability which they reported finding in the xanthylium, benzopyrylium, 
and pyrylium salts, which, according to their views based on the series 
acridine, quinoline, pyridine, was in the expected direction. Their salts 
were therefore formulated as true oxonium salts. The arguments were 
expanded in later papers (29, 30, 27), in which they contended that no 
previous work would explain the basic nature of the compounds without 
calling in the oxonium theory except the salts of triphenylcarbinol, and 
these were dismissed from the argument on the ground of the incomparable 
differences of basicity between the two series. 


H X 
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Perkin, Robinson, and Turner (88) retained the quadrivalent oxygen 
and formulated their salts as pyranol salts of the following constitution, 
although they were well aware that the water molecule might be present 
as water of crystallization, in which case the compounds would be, in 
reality, anhydro salts possessing the oxonium structure. 


X 




C— R 

1'^— R,-H,0 


The evidence for or against the anhydro view was not at that time con- 
sidered conclusive, although the double salts formed with ferric chloride 
were found to be anhydrous, as Werner had previously found for the 
xanthylium salts. On the whole, the evidence favored the anhydro for- 
mulation and the structure advocated by Decker and Fellenberg was 
modified, as shown, to include an o-quinonoid structure accounting for 
the deep color of the salts. Willstatter and Mallison (112), who con- 
sidered both formulas and also a p-quinonoid formula, finally adopted the 
o-quinonoid formula of Perkin, Robinson, and Turner, as did also Dilthey 
(33) for the substituted pyrylium salts. 

Fosse (41, 42) utilized the idea of a quadrivalent oxygen in a somewhat 
different form, and gave the following structure to the dinaphthopyrylium 
salts which he prepared. 


X 



Werner, who first described his xnnthylium salts as oxonium compounds 
(109), later modified his views to a rather similar formula (110) in which 
the oxygen and the bridge carbon atom were linked by a partial valency 
with the acid attached in a second sphere; an extension of this has been 
made by Burawoy (21) to the pyrylium salts by combining the linkage of 
the oxygen and the 4-carbon atom by a partial valency and uniting the 
acid radical in an ionized form to the whole positive complex (XXXVII) 
in the manner developed as described later. 
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C. The centric theories 

Of the formulas utilizing the quadrivalent oxygen so far described, that 
of Perkin, Robinson, and Turner (XL) is the most satisfactory. 


H X 
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The oxonium theory as a whole, however, possesses certain disadvantages. 
Although the quadrivalency of oxygen may be defended on the basis of 
the electronic theory of valency, it cannot be regarded as acceptably 
proved, and it involves, moreover, the consideration that, contrary to its 
usual state, the oxygen of the pyrone ring is positively charged. Definite 
evidence on this point in the actual case of a benzopyrylium salt has been 
afforded by Le Fevre (74), who nitrated flavylium perchlorate and found 
the resulting compound to be a m-nitro derivative. It follows that the 
oxygen, which is meta-directing, is in the same state as in benzaldehyde 
and acetophenone. The consideration of Archibald and McIntosh (2) 
that the third and fourth valencies are amphoteric, being slightly positive 
as well as slightly negative, cannot be held to be effective in this case, 
since the acid medium in which the reaction was carried out would stabilize 
the salt and oxygen would therefore be, on the oxonium theory, positive. 

Oxonium salts were regarded by Collie and Tickle as derivatives of a 
hypothetical oxonium hydroxide, OH»OH, and by Decker and Fellenberg 
of a substituted base R 1 R 2 R 8 : 0 • OH, but the pyranols derived from benzo- 
pyrylium salts have never been formulated as oxonium compounds and 
their formation has therefore always presupposed a rearrangement of 
valencies to permit the hydroxyl group to be attached to either the 2- or 
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the 4-carbon atom. The fact that Kehrmann and Bohn (71, 72) have 
found extremely strong bases to exist in the xanthylium series indicates 
that such a rearrangement does not occur, but that the acid radical and 
the basic hydroxyl are located in the same place in the molecule, either 
attached to the oxygen or at some other point. 

In more recent years Lowenbein (75), Lowenbein and Rosenbaum (78), 
and Popper (89) have investigated the action of the Grignard reagent on 
benzopyrylium salts and have found that there is a simple interchange 
between the phenyl group of phenylmagnesium bromide and the anion 
of the salt, with addition cf the phenyl group sometimes to the 2- and 
sometimes to the 4-carbon atom. Such a reaction is difficult to explain 
by the oxonium theory for, as Lowenbein says “Bemerkenswert ist, dass 
bei dieser Austauchreaktion die Phenylgruppe den Platz am 4-C-Atom 
einnimmt, obgleich der Oxonium-Formulierung nach diesem Kohlen- 
stofiFatom keine besondere Funktion bei der Salzbildung zukommt.” 

The difficulties above were evaded, though not explained, by the adop- 
tion of the centric formula of Hantzsch (53, 54), in which the anion is 
placed in a second, ionizablc sphere and regarded as attached to the cation 
complex as a whole. To indicate this the unused valencies are turned 
inwards, the oxygen still being considered quadrivalent. He distinguished 
between true and pseudo salts in the pyrylium series and formulated them 
respectively as follows. 
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A similar formula was employed by Lowenbein (75). 

The centric formula forms a link between the oxonium formula and the 
carboniurn and carbenium formulas, since it may be applied to either. 
Dilthey, for example, favored for a time a type of centric carboniurn 
formula (35) in which the acid radical was attached to the whole cationoid 
complex. He advanced arguments against the oxonium theory and based 
his formula upon the work of Kauffmann (70). The acid radical was 
again supposed to exist in a second sphere, and the unsaturated valencies 
of the carbon atoms were turned inwards, as in Hantzsch's formula, to 
indicate that it was not known which of the carbon atoms was involved in 
the linkage and to facilitate the migration of the hydroxyl of the pseudo 
base. 
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D, The carbonium and carbenium theories 

It has already been remarked that Bulow and Wagner (18) formulated 
their salts at first as carbonium compounds. Werner also modified his 
original views that they were oxonium salts, and Baeycr (8) extended the 
modification and formulated the xanthylium salts as carbonium compounds 
(XLII), in which carbon atom 9 and the acid radical were linked by an 
ionizable valency. Gomberg and Cone (48, 49) and Gomberg and West 
(50) expressed both the xanthylium and the benzopyrylium salts as ^‘quino- 
carbonium*' compounds (XLIII). 
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The carbonium formula first proix)sed by Dilthey (35) did not attempt 
to define the point of attachment of the acid radical, and in an effort to 
establish this Quint and Dilthey (94) oxidized xanthylium salts by perhy- 
drol in acid or neutral solution. Oxidation commenced at the heteropolar 
atom with the formation of a peroxide, and by this means they (‘stablished 
that in these salts the meso-carbon atom was the heteropolar atom. When 
the samt* reaction was applied by Dilthey and Quint (37) and Dilthey and 
Hoeschen (36) to 3-substitutcd flavylium salts, the peroxide first formed 
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proved to be unstable, and oxidation proceeded further with the formation 
of benzoyl esters of o-hydroxybenzyl ketones (or o-hydroxyphenylacctic 
acid) according to the scheme on page 48, which shows conclusively that 
the 2-carbon atom is the heteropolar atom and that a double bond occurs 
in the 3,4-position. Had the 4-carbon atom, for example, been the 
heteropolar atom, the oxidation must have produced flavones. 
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On the basis of these results Dilthey and his collaborators introduced a 
carbenium formula for the benzopyrylium salts. According to this the 
anion is linked to the pyrone ring at an ionized coordinatively unsaturated 
carbon atom, the heteropolar atom being indicated by a point as in for- 
mulas XLIV and XLV The complete absence of flavones in their 
experiments led Dilthey and Hoeschen (36) to conclude that, when locali- 
zablc, the heteropolar atom in flavylium salts is the 2-carbon atom. 

It was suggested by Hill (65), as a result of experiments with salicyli- 
denediacctophenones and 4-phenacylflavenes, that in some instances the 
4-carbon atom might also act as a heteropolar atom. This view receives 
support from many indications in previous work. Thus, the first benzo- 
pyrylium salts prepared by Bulow and Wagner (18) were the 2,4-dimethyl 
derivatives which yielded, instead of the normal pyranols, 2-methyl-4- 
methyleneflavcnes. In the same connection, Lowenbt in and Rosenbaum 
(78) prepared bis-chromenyls containing a benzyl group in the 4-position 
(XLVI), which readily underwent a disproportionation with the forma- 
tion of 4-benzylideneflavcnes (XLVII). 

A similar unsaturated compound was described by Ziegler and Ochs 
(116) by the interaction of xanthone and diphenylvinylmagncsium brom- 
ide. The resulting compound was not the expected 9-diphenylvinyl- 
xanthenol (XLIX), but its dehydration product (L). All these unsatur- 
ated compounds spontaneously add acids with the formation of benzopy- 
rylium or xanthylium salts (XL VIII or LI). The reaction between the 
Grignard compound and benzopyrylium salts whereby addition sometimes 
occurs at the 2-carbon atom and sometimes at the 4-carbon atom has 
already been commented upon (75, 78, 89). 
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There is therefore considerable indirect evidence for assuming that the 
4-carbon atom may be the heteropolar atom under conditions which have 
not so far been investigated. The strongest evidence for this would be 
the production of flavones. A recent investigation by Hill and Melhuish 
(67) has established the formation of two distinct types of flavylium salt, 
which give rise to two series of pyranols, and one of these has been con- 
verted into the corresponding flavones. Treatment of 3-substituted 
flavylium salts with sodium carbonate or sodium hydroxide at room tem- 
perature led to the production of pyranols only, but when the same pro- 
cedure was applied to flavylium salts unsubstituted in position 3, a mix- 
ture of products was obtained from which the corresponding chalcones 
(LIII) and flavones (LIV) were isolated in each case. The explanation 
of this difference in behavior lies in the properties of the pyranols derived 
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from the two series of salts. The pyranols derived from flavylium salts 
unsubstituted in position 3 are unstable and can only be isolated as their 
ethyl ethers. Even these ethers are comparatively unstable and are con- 
verted by simple heating in aqueous alcohol into their respective chalcones. 
The pyranols from 3-substituted flavylium salts, on the other hand, are 
stable and can be isolated in the free state. Neither they nor their ethyl 
ethers are converted into chalcones by aqueous alcohol. 

The formation of flavones from salts unsubstituted in position 3 is suf- 
ficient evidence that they are flavylium-4-chlorides (LII), and the in- 
stability of their pyranols leads to the following scheme of the changes 
involved. 
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The salts from which stable pyranols were obtained are those which 
Dilthey and his collaborators ha\c already shown to be flavylium-2- 
chlorides, and they obviously cannot undergo the reactions outlined above. 
The fundamental difference exhibited between the two series of pyranols 
must be reflected in the salts from which they are obtained and this dif- 
ference is best formulated on the basis of the carbenium theory. 
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No apology need be made for a more extended study and discussion of 
the subject of complex inorganic compounds. In fact, it would be diffi- 
cult to define such an all-inclusive term as “complex compound,” for the 
simple reason that the formation of complexes is an inherent feature of 
many chemical reactions. The assumption is prevalent among many 
chemists that the compounds so designated arc the well-known cobalt, 
chromium, and platinum ammines first studied in detail by Werner and 
his students. It should be evident from the titles listed for discussion at 
this symposium that the Werner complexes represent only a special divi- 
sion of an exceedingly diverse and extended class of substances. 

Actually there is little difference, except one of degree, between the 
well-known Werner complexes of cobalt, chromium, and platinum, and 
many other ammines (ammonates), hydrates, and the great number of 
organic and inorganic molecular addition compounds. It makes little 
difference whether the coordinating atom is metallic or non-metallic in 
character, or whether the coordinated constituent is an atom, ion, or 
molecule. The same sort of bonding characterizes ammines, hydrates, 
and other solvates. It is also the distinguishing characteristic of the 
linkages in the iso- and hetero-poly acids, and the amphoteric oxides, 
amides, sulfides, and cyanides. The covalent link accounts for the forma- 
tion of many complex minerals. The argon-boron trifluoride compounds 
recently discovered by Booth and his coworkers owe their existence to 
the fact that the argon atom may donate a pair of electrons to boron. 

Recent developments in theoretical chemistry and in research technique 
have given new prominence to this field. The Bronsted concept of acid- 
base equilibria has directed attention to complex ions in the development 
of acidic and basic properties in solution, while the ever-changing theories 

1 Presented before the Division of Physical and Inorganic Chemistry at the 
Ninety-first Meeting of the American Chemical Society at Kansas City, April 16, 
1936 . 


55 



56 


L. F. AUDRIETH 


of atomic structure have demanded investigation of the physical and 
chemical properties of compounds characterized by the covalent link. 
The modern interest in theories of optical activity has stimulated careful 
investigation of the optical properties of both organic and inorganic sub- 
stances. At the same time, improved apparatus and the development of 
new research techniques, such as are furnished by x-ray and electron dif- 
fraction methods, have made it possible to gain new knowledge of the 
structure of all types of compounds. 

From a purely practical point of view there is every reason for a more 
detailed study of complex inorganic compounds. We need think only of 
the applications and the uses of complex compounds in analytical chem- 
istry in the qualitative detection and quantitative estimation of many 
cations and anions, and as indicators. Complex cyanides are formed in 
the separation of precious metals from their ores and are used in the elec- 
trodeposition of many metals. The organic chemist has long used various 
poly acids for the precipitation of certain alkaloids. Attention has also 
been directed to the use of complex compounds as specific reagents for 
the isolation of certain amino acids. 

The opportunities for investigational work in this field seem to be un- 
limited. The formation of complex, or ‘‘solvated^' ions should most cer- 
tainly be considered in any theory of electrolytic solution which is pro- 
posed. Unfortunately, chemical interaction of solvent with solute is 
tacitly disregarded in most of our modern theories. The number of 
complex compounds which have been studied by x-ray methods is rela- 
tively small. This valuable tool of research should be pressed into service 
for the determination of the structures of many more of these substances. 
It should be pointed out that altogether too little is known concerning the 
stability relationships among complex compounds. A general theory of 
amphoterism as applied to amphoteric oxides, amides, sulfides, cyanides, 
etc., is in need of elucidation. Formation of large molecular aggregates 
or complexes in a further study of colloidal behavior would seem important. 
Methods of preparation of many of the complex inorganic compounds are 
largely empirical. Here the synthetic inorganic chemist has a field of 
endeavor which should warrant his utmost efforts. As a tool for research 
complex compounds offer innumerable possibilities in the study of con- 
figuration, isomerism, and the mechanism of optical activity. 

In considering papers for presentation at this sjnnposium the chairman 
suffered from an. embarrassment of riches. The subjects chosen for dis- 
cussion indicate the varied character of the investigational possibilities in 
the field of complex inorganic compounds. It is to be hoped that sub- 
sequent symposia will give opportunity for discussion of other phases of 
this extremely interesting subject. 
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To Professor Rodebush (and W. M. Latimer) must be given the credit 
for first pointing out the possibility of coordination through the hydrogen 
bond. In his paper on the hydrogen bond and coordination Professor 
Rodebush cites many examples of hydrogen bonding in accounting for 
such interesting phenomena as association of molecules in the liquid state 
and anion solvation. A new theory for the behavior of the unusual solu- 
tions of the alkali and alkaline earth metals in liquid ammonia is also 
presented. 

Professor Bailar has been singularly successful in applying the methods 
of the organic chemist to the study of isomeric relationships among the 
cobalt complexes. The Walden inversion, so common in organic chemis- 
try, finds its counterpart in the case of the optically active inorganic com- 
plexes. The possibility of employing optically active Werner complexes 
in the resolution of organic compounds is also an interesting feature of 
the paper by Professor Bailar. 

Recent concepts of solvolysis and solvation, and the behavior of com- 
plex ions as acids and bases are reviewed by Professor Hall. The earlier 
experimental findings of Werner, Lamb, and others are interpreted in 
terms of our modem theories. It is significant in this connection that 
much of Wemcr^s work on his own oxonium theory fits in very nicely 
with our present views. 

The polyhalides have always puzzled the theoretical chemist. Their 
relationship to certain parent solvents is discussed by Professor Booth ,2 
who has greatly extended this class of compounds by preparing a whole 
series of polyhalides containing fluorine. 

* The fifth paper in this symposium, entitled “The Polyhalides” and presented by 
Harold Simmons Booth of Western Reserve University, was received too late for 
publication in this issue, but will appear in a subsequent number.— Editor. 
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The concept of the hydrogen bond was developed by W. M. Latimer and 
the author in 1920 (7) to account for the behavior of associated solvents. 
The article which was published at that time grew out of a discussion con- 
cerning some work that had been done upon the dielectric constant of liquid 
ammonia at the University of Kansas under the direction of H. P. Cady 
some years earlier.^ At that time there was a great deal of confusion in 
regard to the use of the term ‘^polar.” While the measurement of dipole 
moments was not then the common practice that it became a few years 
later, it was, of course, recognized that the molecules of both water and 
hydrogen chloride had moments in the gaseous state. These two sub- 
stances behave very differently in the liquid state. The peculiar proper- 
ties of water as a solvent were ascribed to association through the forma- 
tion of hydrogen bonds. Not only was the hydrogen bond assumed to 
account for the action of the solvent on the ionization of acids and bases, 
but it was assumed that the high dielectric constant, apd hence the solvent 
power of these peculiar solvents for electrolytes in general, was due to 
hydrogen-bond formation.* 

It was not until nearly fifteen years later that the experimental proof 

^ The author undertook the measurement of the dielectric constant of liquid 
ammonia in 1913. This work was subsequently finished by W. M. Latimer. The 
results were never published, but the data obtained were in substantial agreement 
with results which are now in the literature. 

* It has often been assumed that another type of association would account for 
the low dielectric constant of hydrogen chloride in the condensed state, but it seems 
more probable that there is no association at all in this case. Hildebrand (6) has 
directed attention to the small energy involved in dipole interaction. Pauling (10) 
predicted that hydrogen chloride molecules would rotate in the crystal near the melt- 
ing point and show a high dielectric constant. While Pauling^s prediction is im- 
doubtedly correct, the dielectric constant is not very great. In the gaseous state 
only those molecules which are in the zero rotational state contribute to the dielectric 
constant. While one would not be justified in considering the liquid simply as a 
condensed gas, one may suspect that the relatively low dielectric [constant is ac- 
counted for in part, at least, by the presence of freely rotating unassociated mole- 
cules. 
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of the existence of this bond was obtained. The x-ray studies of Zachari- 
asen (14) and of Pauling upon crystals, and the electron diffraction studies 
of Pauling (11) upon organic molecules have shown that it is a common 
occurrence for oxygen, nitrogen, or fluorine atoms to be linked together 
by a hydrogen atom. More recently Wulf (4) and his collaborators have 
discovered that the bond in the neighborhood of 1.5 /x is not shown in 
absorption when the hydrogen is doubly linked. This bond is the first 
harmonic of the vibration of a hydrogen atom linked to oxygen or nitrogen. 
We thus have not only a test, but a quantitative measure of the amount 
of hydrogen bonding present in a substance. 

Formally the hydrogen bond may be regarded as a case of coordination 
of the simplest cation, the proton. The coordination number of a cation 
decreases with the ratio of the cation-anion radii; the limiting value of 
the coordination number for zero radius is two. The hydrogen ion from 
a strong acid in solution may, therefore, coordinate two molecules of the 
solvent just as the cupric ion may coordinate four molecules of ammonia. 
For example, the hydrate HC1(H20)2 is well known. Of course, one of 
the coordinated molecules may be the anion of the acid itself, as in (C 2 H 6)2 
OHCl and other oxonium compounds. If the acid is weak the anion of 
the acid is always coordinated, and if the acid is very weak, then there is 
no ionization, and no hydrogen bond is formed, as, for example, when 
hydrogen is linked to aliphatic carbon. The limitation to a certain range 
of acid strengths limits the hydrogen bond to the atoms of nitrogen, 
oxygen, and fluorine, although there is some evidence of weak bonding 
with other halogens. The energy of dissociation of a hydrogen bond 
probably never exceeds 6 to 7 large calories. It is, therefore, rather less 
than the bond energy of a typical coordination bond, as, for example, the 
Ag+ — NH s linkage, and for this reason molecular complexes involving 
hydrogen bonds have not received the attention in the past that has been 
given to the well-known class of complexes which were studied so exten- 
sively by Werner.® 

As examples of hydrogen bonding, we may mention such widely different 
complexes as pyridine dihydrochloride and the amine oxide dihydrates. 
The amine oxides are an interesting group of compounds which are very 
soluble in water and form very stable hydrates. It was at first predicted 
that the amine oxides would be strong bases as are the quaternary am- 

* Efforts to formulate a quantum mechanical description of the hydrogen bond 
have not been particularly successful, for the obvious reason that the bonding energy 
is small and a very exact calculation would be required to ascertain even the sign 
of the energy. Sherman, Huggins, and Bernal have discussed this problem. The 
latter has introduced the concept of a “hydroxyl’* bond, but it is not clear that he is 
talking about anything different from the hydrogen bond. 
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monium compounds, but when the possible electronic structures were 
considered it was seen that they could not be bases at all, except through 
hydrogen-bond formation. 

R3NO— H— OH 

As a matter of fact, they are weak bases, as would be predicted. 

One of the most important roles of the hydrogen bond is in the associa- 
tion of solvent molecules. Presumably all cases of typical “ association' ' 
in solvents involve hydrogen-bond formation. Both water and ice are 
highly associated in this way One of the most interesting results of such 
association is the tendency of the alcohols to form glasses on supercooling. 
This tendency has been shown by Zachariasen (15) to be due to hydrogen 
bonding in the case of methyl alcohol. A glass is likely to be formed when 
a molecule has the possibility of coordinating a small number, four or less, 
of its neighbors through definite linkages, whereas the geometry of the 
situation permits a larger number. Under these conditions, there is op- 
portunity for the disorientation characteristic of a glass. 

By far the most interesting of the associated solvents is hydrogen 
fluoride, and it is here that the strongest hydrogen bond is formed. The 
remarkable work of Fredenhagen (2) probably needs to be confirmed in 
some particulars by other investigators, but it furnishes us with conclu- 
sions. It will be more logical, however, to consider this substance in 
connection with anion solvation and to continue the discussion of its 
behavior under that topic in the latter part of this paper. 

The hydration of the lyophilic substances found in living tissue, such 
as the carbohydrates and proteins, must be in a large part due to the 
hydrogen bond. There are no rations of the heavy metals present to 
account for hydration by the Werner type of coordination, and no ions 
at all in many cases. The problem of bound water, which has been re- 
garded in the past as a colloidal phenomenon, seems likely to resolve itself 
into a chemical problem. The term ‘‘colloidal," like the term “catalytic," 
is often used to cover chemical ignorance. 

As a matter of fact, there is evidence to confirm this idea. In 1911, 
Coblenz observed that the infra-red absorption band at 1.5 m was missing 
in gelatin, which presumably contained a good deal of water, thus antici- 
pating the discovery of Wulf by twenty-five years. Buswell (1), in 1929, 
noted the fact and suggested that the hydrogen bond might be involved 
in the binding of water by gelatin. 

It has been assumed by some that any water in a salt hydrate which is 
not coordinated with the cation through the Werner type of bonding must 
be associated with the anion. The recent work of Hendricks (3) and col- 
laborators on the ammonium oxalate crystal indicates that this is not 
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necessarily so; the water in the crystal may simply be filling holes. How- 
ever, no one would doubt the existence of anion solvation. It is usually 
due to the formation of the hydrogen bond, and because this bond is 
relatively weak, it is more difficult to determine the extent of solvation of 
the anion. 

The anion has not only a negative electron atmosphere in its periphery, 
but a negative over-all charge, so that hydrogen bonding is favored, 
whereas in the cation the net positive charge must repel the hydrogen 
strongly. 

Just as the simplest proton is the cation, so the simplest anion is the 
electron, and we have a beautiful example of solvation of the electron in 
the extremely interesting solutions of the alkali metals in liquid ammonia. 
While the existence of these solutions has been known for a long time, it 
is due to the work of that great trio of investigators, Franklin, Cady, and 
Kraus, who began their researches in this field at the University of Kansas, 
that we understand their nature as well as we do. The brilliant and daring 
hypothesis that the electron in these solutions is solvated is due to Kraus 
(6). But many chemists have wondered how it is possible for an ammonia 
molecule which, in the light of our present knowledge of electronic struc- 
ture can have no electron affinity, to attract and hold an electron. 

Before we attempt to answer this question, we will do well to ask our- 
selves: Why does sodium dissolve in liquid ammonia in the first place? 
Every possible sort of guess has been made by speculators upon this sub- 
ject, and some of them were undoubtedly upon the right track. It is 
only necessary for us to select the plausible hypotheses. 

We may note that sodium alloys with mercury and other liquid metals, 
but that it does not dissolve in any non-metallic solvent except ammonia 
and the amines. It may be argued, of course, that sodium dissolves in 
the more polar solvents, but that it reacts with them so rapidly that the 
solution cannot be observed. This argument cannot be disproved, but 
we may suspect that sodium will form solutions only with metals, and 
that the clue to the solubility of sodium in liquid ammonia lies in the 
possibility of the formation of metallic ammonium. This is, of course, 
not a new idea. 

Let us recapitulate briefly the properties of dilute solutions of sodium 
in ammonia. The equivalent conductivity approaches a limiting value 
greater than 1000 reciprocal ohms. The sodium moves toward the 
cathode and the transference ratio as determined from e.m.f. measurements 
indicates that the sodium has the normal equivalent conductivity of the 
sodium ion (about 130 ohms""^). If a little water be added to the solution, 
however, a violent reaction characteristic of sodium metal is obtained. 
The sodium plays a dual r61e as metal and as ion at one and the same time. 
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The whole behavior can be understood if we assume that the sodium 
atom is in resonance, so to speak, with an NH4 radical, so that the electron 
passes readily back and forth between the two. There are no ammonium 
ions in solution, but ammonia molecules associated in groups of two or 
more through hydrogen bonds forming complexes such as 

H H 
H H 

The tendency of the NH4 ion to acquire an electron and behave as a 
metal is well known. It is stable until two such groups come together, 
when the reaction 


2NH4 = 2NH3 + H2 

takes place. In the absence of ions, especially of the amide ion, there is 
no tendency for two NH4 groups to come together and the hydrogen- 
forming reaction does not take place. There is also little or no tendency 
for the ammonium complex to dissociate according to the reaction 

(NH3)2- = NH 4 + NH 2 - 

In dilute solution, the sodium exists in the form of ions and the electron 
is associated with the ammonium. When conducting, the electron jumps 
from one ammonium group to another. This is essentially metallic 
conduction.'* 

The more concentrated the solution, the greater the mobility of the 
electron. If the electron were firmly attached to any group, no such 
mobility would be possible, but the ionizing potential of the ammonium 
group must be small.^ The high mobility of the electron is, therefore, 
analogous to the high mobility of the hydrogen ion in water solutions. 
The acquirement of the electron by the ammonium radical must be ac- 
companied by a large increase in volume, which accounts for the surprising 
increase in volume of sodium in liquid ammonia. The sodium and ammo- 
nium arc solvated in the solution, but the most important thing is the for- 
mation of complexes containing NH4 groups through hydrogen-bond 
formation. 

* The sodium ion probably forms a complex of the type Na(NHi)^, and it might be 
assumed that this is the group with which the electron is associated. In dilute solu- 
tion, however, where the dissociation is complete, the electron must be associated 
with the ammonia. Triethylamine cannot form hydrogen bonds, and has a very low 
dielectric constant. It should not form metallic solutions of the alkali metals if the 
above considerations are correct. 

* The work of Leighton (9) and colleagues seems to indicate that the photoelectric 
threshold for the ammonium ion itself is not much less than that of the alkali metals. 
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Let US return to hydrogen fluoride, already mentioned as a case of anion 
solvation. Apparently the strongest hydrogen bonds that occur are 
formed with fluorine, and Simons (13) has shown that the vapor of hy- 
drogen fluoride tends to form benzene-like polymers (HF)6, linked through 
hydrogen bonds. The single molecule HF is a weak acid, for reasons 
which have been pointed out elsewhere. On the other hand, H(FHF) 
must, for similar reasons, be a strong acid. 

The F“ tends to associate HF to form the FHF“ ion just as it tends to 
hydrate, and the hydrogen bond formed here must be very strong. But 
there is very little tendency for two HF molecules to associate in water 
solution. With a high concentration of HF molecules, as in liquid hydro- 
gen fluoride, there must be a great deal of this type of association, but 
now there can be no ionization, because acids only ionize in basic solvents. 

On the other hand, if nitric acid is dissolved in the hydrogen fluoride, 
the molecule is solvated through hydrogen-bond formation (as it is in 
water), but this process is accompanied by ionization of the hydrogen 
fluoride, according to the reaction 

HNO3 + (HF)2 = H2NO3+ -1- FHF- 

Hence, as seems reasonable, hydrogen fluoride behaves as the strongest 
known acid when in high concentrations. 

Anion solvation is an important factor in determining the solubility of 
salts. The actual solubility of a salt is a complex function of charge, 
radius, and coordination power (12). The coordination power may de- 
pend upon charge, the possibility of forming hydrogen bonds, and van der 
Waals^ forces. The latter, for example, are very important in the case 
of silver iodide, where both ions contain a large number of electrons. It 
must not be forgotten that a cation may coordinate its own anion. The 
calculation of solubility is, therefore, very difficult, although Fajans has 
attempted to give some semiquantitativc rules. There are cases, how- 
ever, where the solvation of the anion plays a predominant r61e. The 
nitrate ion, for example, is a large ion of single charge with a strong ten- 
dency to hydration, and it is not surprising, therefore, that nitrates are 
soluble. 

There is reason to think that deuterium forms stronger hydrogen bonds 
than does hydrogen (8). The investigation of deuterium compounds 
promises to be of great interest. 
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The stereochemistry of carbon has been investigated so extensively that 
stereochemistry is commonly considered as a chapter in the study of 
organic compounds. This thought was so firmly fixed in the minds of the 
preceding generation that many chemists felt that Werner^s resolutions of 
metal ammiiies into optical antipodes depended upon the fact that he 
used organic amines (such as ethylenediamine) as coordinating groups. 
Werner ^s postulate that the hexammine metal ion is octahedral was uni- 
versally accepted only after he had resolved an ion containing no carbon. 

More recently, x-ray investigations, electron-diffraction studies, dipole- 
moment measurements, and other physicochemical methods have greatly 
extended our knowledge of the spatial relationships of the atoms of in- 
organic, as well as organic, compounds. The important principles of 
stereochemistry, however, are still those which were discovered through 
the study of organic compounds, and which, in some cases, have been 
shown to be applicable to other elements having four tetrahedral valences. 
But the tetracovalent elements are not necessarily tetrahedral, and it is 
quite probable that some of them are planar, at least in certain types of 
compounds. The hexacovalent elements arc evidently octahedral, and 
present several times as many possibilities for isomerism and intramolecu- 
lar rearrangement as do the compounds of carbon. Very little is known 
about the stereochemistry of elements having coordination numbers 
greater tlian six, but the relationships must be extremely complex. 

Th* ; complexity of the stereochemistry of inorganic compounds makes 
it difficult to establish generalizations and to formulate theories on the 
basis of observations of these compounds. On the other hand, we have 
here an extremely useful tool for testing the theories of the organic stereo- 
chemist. A theory may describe the behavior of a tetrahedral molecule 
very well, but if it catmot predict behavior in molecules of other structures, 
it is in error in some particular. Moreover, when working with the com- 
plex inorganic compounds, it is possible to achieve conditions which can- 
not be achieved with the carbon compounds. Thus, it is possible to corn- 
er 
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pare the stereochemical properties of analogous compounds of different 
elements; it is possible to vary the valence of the central atom of the 
complex; and it is possible to achieve optical activity when the center of 
asymmetry is attached to two or more identical univalent groups. 

No attempt is made in this paper to discuss the stereochemistry of the 
complex inorganic compounds completely. A few of the more important 
problems which have been reported arc described here in the hope of 
stimulating interest in this investigational field. 

TETRACOVALENT METALS 

The question of the spatial distribution of the valences of the tetraco- 
valent elements has received a great deal of attention and has inspired an 
enormous amount of research. It is well known that the valences of 
carbon, nitrogen, sulfur, and many other tetracovalent elements are ar- 
ranged tetrahedrally, and there seems to be no substantial evidence that 
the valences of the elements named are ever otherwise. Among certain 
of the tetracovalent metals, the case is not nearly so simple, since there is 
evidence for the existence of both tetrahedral and planar structures for 
several of them. It is still an open question whether the experimental 
work has been incorrectly interpreted or whether some elements can 
assume more than one structure. 

The fact that dichlorodiammineplatinum exists in two forms led Werner 
(88) to propose a planar arrangement of the four valences of the platinum 
ab)m. His interpretation was unchallenged until 1926, when Reihlen and 
Nestle (73) carried out molecular weight determinations of the two forms 
(cryoscopically in liquid ammonia) and found one of them to be dimolecu- 
lar. Werner^s fundamental postulate was upheld, however, by Hantzsch's 
(28) discovery that both forms of [Ptpy 2 Cl 2 ] (py = pyridine) are mono- 
molecular in phenol and by Grunberg^s demonstration (25) of the mono- 
molecular structure of both forms of [Pt(NH 8 ) 2 (SCN) 2 ]. Dozens of pairs 
of such isomers have been studied. There seems little reason to doubt 
that planar structures exist for several of the metallic elements, though 
some of the cases reported have been found to be in error.^ 

The supposition of planar structures for the tetracovalent platinous, 
palladous, and nickelous ions is supported by several x-ray studies. Dick- 
inson (16) has shown the anions of K 2 PtCl 4 and K 2 PdCl 4 to be planar, and 
Cox (10) has reported that the four nitrogens of [Pt(NH 8 ) 4 ]Cl 2 H20 are 
in the same plane as the platinum atom. X-ray investigations of many 
other compounds of nickel, palladium, and platinum have confirmed these 
discoveries (11). 

' For example, Drew, Pinkard, Preston, and Wardlaw (20) have shown that the 
pallado'diammines exist in only one series, and that the supposed isomeric series 
(40) is actually polymeric. 
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The discovery of three isomers of [Pt(NH8)(NH20H)(C6HiiN)(N02)]N02 
(84) further confirms the planar arrangement nf the valences of the 
platinous ion. Incidentally this is the only compound of tetracovalent 
platinum known in which four different groups are coordinated to the 
platinum atom. 

Still further support for the planar structure of these complexes of 
platinum, palladium, and nickel is deduced from the existence of isomeric 
forms of chelated spiran compounds of the type 



The tetrahedral structure postulates mirror-image isomers; the planar 
structure postulates cis-trans isomers, differing in physical and chemical 
properties, but having no optical activity. Actually, several cases of such 
geometric isomerism are known. Dwyer and Mellor have obtained iso- 
meric forms of bisantibenzylmethylglyoximeplatinous chloride (23) and 
the corresponding palladium salt (24) differing in color, melting point, 
solubility, and stability. To see whether these compounds have a planar 
or pyramidal structure, Dwyer and Mellor attempted to resolve them — 
one of them would be optically active if the molecule is pyramidal — but 
were unable to prepare salts of optically active acids. 

Other examples of unsymmetrical chelate compounds which have been 
obtained in ds and trans forms are to be found in the work of Griinberg 
and Ptizyn (27), Pinkard, Sharratt, Wardlaw, and Cox (65), Sugden (83), 
Drew and Head (18; and many others. 

Mills and Quibell (61) have recently demonstrated in a most ingenious 
way that the valences of platinous platinum are not tetrahedral. They 
prepared m <’so-stilbenediaminoisobutylenedianiinoplatinous chloride 

r H2C— NHzv /NH^CHCcH5n 

1 >p< I CI2 

L(H,C)2C— NHj/ ^NH,— CHC.H5J 

by th successive action of isobutylene diamine and mesn-stilbenediamine 
on potassium chloroplatinite. If the valences of the platinum be in a 
plane, this compound will have no plane of symmetry and must be opti- 
cally active. If, on the other hand, the valences of the platinum form a 
regular tetrahedron, the molecule will possess a plane of synunctry. Actu- 
ally, the compound was resolved into isomers of high optical stability. 
On the basis of atomic radii considerations. Mills and Quibell have de- 
duced that for this compound, the planar arrangement actually produces 
less strain in the molecule than does the tetrahedral. 
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Jensen (35) has recently determined the dipole moments of several 
compounds of the type PtXa(SR 2 ) 2 , where X represents Cl, Br, I, NO 2 , 
or NOs, and R represents ethyl, propyl, isopropyl, butyl, isobutyl, secon- 
dary-butyl, or benzyl. The a(<rans)-compounds give values of about 2.4 
X E.S.U., the i8(m)-compounds containing halogen values of 9 X 

10“^* E.S.U., and the /3-compounds containing nitrite and nitrate values of 
13 X E.B.u. While these results are in accord with Werner's con- 
figuration determinations, it is significant that the a-compounds do not 
have zero moment. The moment of 2.4 X 10“^* e.s.u. may be reconciled 
with the planar arrangement by assuming that the valence angles of the 
sulfur atom are tetrahedral and that the R groups all lie on one side of the 
plane. However, it is difiicult to understand how this unsymmetrical 
structure would be maintained. 

Finally, it should be pointed out that Pauling (64) has shown on strictly 
theoretical grounds that divalent nickel, palladium, and platinum should 
have planar structures. His views have been given partial confirmation 
by the work of Sugden (83), who has studied the isomeric forms of nickel 
benzylmethylglyoxime. It should be emphasized that the foregoing state- 
ments refer only to the metals in the divalent state. Brockway and Cross 
(9) have pointed out that Pauling's calculations indicate a tetrahedral 
structure for neutral nickel and they have shown, by electron-diffraction 
studies, that nickel carbonyl is probably tetrahedral. Cox and Webster 
(13) have made an x-ray study of trimethylplatinic chloride, (CH 3 ) 3 PtCl, 
in which the platinum is tetracovalent and quadrivalent. The molecule 
is not planar, and is presumably tetrahedral. 

The recent work of Drew and his associates deserves some mention, for 
it strikes at the theory of planar distribution of the bonds, and indeed at 
the coordination theory itself. Angell, Drew, and Wardlaw (1) have 
examined the isomeric forms of Pt{(C 2 H 6 ) 2 S} 2 Cl 2 and concluded that they 
are structural isomerides with formulas 


EtaS. /Cl /EtaS Cl 

;Pt< and Pt< 

EtaS^ \C1 ^EtaS Cl 


Drew, Pinkard, Wardlaw, and Cox (21) have reported the discovery of 
a third isomer of Pt(NH 8 ) 2 Cl 2 and have ascribed the formulas 


NH,. /Cl 
NHs^ ^Cl 


ClHaN 

C1H,N 


HaN, 

ci/^ 


>Pt and 


NHjCI 


to these compounds. Their work has been criticized by Rosenblatt and 
Schleede (76), and their interpretation by Bassett (6) and by Jensen (36). 
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Lifp^'hitz and Froentjes (48) believe they have found support for Drew's 
formulas, but Jensen (37) feels that their results are fully explained on 
the basis of Werner's formulas. If the formulas proposed are correct, 
the assumption of planar configuration for the platinum atom has no sup- 
port. Drew and his coworkers have therefore abandoned it, and have 
proposed a new theory to account for the reactions of the isomers (17, 19, 
22), They suppose that the four valences are grouped in two pairs, the 
members of each pair being more closely related to each other than they 
are to those of the other pair. These rather revolutionary proposals can- 
not be accepted until they have been substantiated by further work. 

Several methods have been devised for distinguishing between the ds 
and trans isomers. The well-known method of Werner (89), while lacking 
a theoretical basis, has proven very useful. Griinberg (26) has postulated 
that a divalent group can occupy two coordination positions only if those 
positions are cu to each other, and that if this group be displaced by 
two univalent groups, they will occupy the same positions. Thus 
a:-[Pt(NH 3)2012] and [Pt(NH3)2(C204)] can readily be converted into 
each other. The i8-[Pt(NH8)2Cl2], however, yields an acid oxalate 
[Pt(NH3)2(C204H)?l when treated with oxalic acid. The a-form is there- 
fore the CIS isomer and the )8-form the trans isomer. Glycine, ethylene- 
diamine; and other groups which normally occupy two coordination 
positions can be used in place of oxalic acid. 

Kurnakow (42) has reported that many platinous salts of the type 
[PtA2X2] (A is ammonia or an amine, and X is a negative ion) react with 
thiourea, the cis salts giving compounds of the type [Pt{CS(NH2)2l4]X2 
and the trans giving [Pt{CS(NH2)2}2(NH3)2]X2. 

The two types of salts can often be distinguished by differences in 
properties. The cis salts are usually darker in color, more soluble, and 
have lower melting points. 

In some cases the cis form changes to the trans form very readily. In 
other cases continued heating is required to effect the change. Thus m- 
di(triethylphosphine)dichloroplatinum changes to the trans form upon heat- 
ing to 100°C. in a sealed tube with alcohol. In accordance with Werner's 
prir iph" of ^'trans elimination" the cis forms of the type PtA2X2 can be 
changed to trayis by adding and removing two molecules of the amine 

C><] + [x><] 

Ramberg (67) has observed that the ds and trans isomers of platinous 
ethyl thioglycolate can be readily interconverted. 
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This work has been criticized by Reihlen and Nestle (74), who hold that 
the platinum is tetrahedral, and that the existence of two forms is due to 
the presence of the two asymmetric sulfur atoms. 

N. Schlesinger (79) has prepared salts of copper with his(a-immo) acids 
of the type 

RR'C NH— (CH 2 )*— NH— C RR' 

COOH COOH 


Acids containing two or three methylene groups give water-soluble, blue 
compounds, those containing ten give insoluble violet compounds, and 
those containing five or seven give mixtures of the two types. Schlesinger 
explained these as cis-trans isomers. 


NH~ 


CRR— COO 

/ 


\ / 

(CHs), Cu 

/ \ 

\ 

NH CRR— COO 


and 


NH CRR COO 


\ / 

Cu 

/ \ 


OOC CRR ^NH 


(CH2). 


Obviously the “m” is the blue form, and the ^Hrans” the violet form. 
Reihlen (69), however, has called attention to the fact that, since nitrogen 
is tetrahedral, the copper either is not planar in these compounds or is 
subject to great strain. He explains the existence of isomers in the fol- 
lowing way: If the — CHj — groups lie “inside” the two nitrogen atoms, 
a bridge of two or three can span the distance between the nitrogen atoms. 
If the hydrogen atoms lie “inside” the nitrogens and the — CH 2 — groups 
“outside,” a bridge of at least seven methylene groups is required. 
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Cox and his coworkers (12, 15) have recently carried out x-ray studies 
on several complex compounds of bivalent copper, and have found that 
the four coordinated groups lie in the same plane with the copper. 

It is firmly established that the valences of some of the tetracovalent 
elements arc non-planar. Compounds of carbon, sulfur, boron, and many 
other elements exist in optically active forms, which precludes the possi- 
bility of a planar arrangement. Even those elements which have been 
shown to have a planar arrangement must be able also to assume a non- 
planar configuration. The nickel, platinum, and palladium P, 0', /3"- 
triaminotricthylamine salts of Mann and Pope (53) are almost certainly 
non-planar. The nickel compound has been shown to be monomeric; 
consequently it probably has the structure (70) 


Ni- 


NHrCHzCHa 

\ 

NH 2 CH 2 CH 2 — N 

/I 

NH2CH2CH2 : 


X2 


Cox and Webster (14), in reporting the results of x-ray studies on these 
nickel salts, have pointed out that there is no evidence to show that they 
are not '^pseudo salts^^ containing hexacovalent nickel. 

Reihlen (68) pointed out long ago that Werner^s formulas for basic 
ferric and chromic acetates 


HO 



Ac 


Ac 


(1).. 


\(2)y 


\(3) 

Fe; 

Ac 

Fe 

Ac 

Fe OH 


■'Ac ■■ 


’’’Ac ■ 



X 


indicate a three-dimensional configuration. Each of the triplets of ace- 
tate groups fills the three comers of a face of the central octahedron. 
Metal atoms 1 and 3 are therefore centers of three-dimensional figures or 
are parts of the face of the octahedron, which seems unlikely. 

Tbvj t(^trahedral configuration implies asymmetry and optical activity 
for certain t 3 q)es of comp>ounds. A considerable amount of work has been 
done on the resolution of inorganic complex comp>ounds of tetracovalent 
elements. Lowry and Burgess (49) observed that the beryllium salt of 
benzoylcamphor mutarotates in certain organic solvents. Mills and Gotts 
(60) prepared beryllium, zinc, and copper compounds of benzoylpyxuvic 
acid: 
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COOH COOH 
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HC Be CH 
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The beryllium compound was resolved through the brucine salt, and the 
brucine was precipitated by dimethylaniline. The material so obtained 
racemized in a few minutes. The brucine salt of the zinc compound and 
the strychnine salt of the copper compound were shown to mutarotate. 

Apparently the first attempt to resolve compounds of tetracovalcnt 
platinum was made by Rosenheim and Handler (78). The compounds 
which they studied were too unstable to give positive results. Reihlen 
and his coworkers had somewhat better success. Reihlen and Hiihn (71) 
resolved the 6tV(l,2-isobutylenediamine)-platinous and -palladous ions 
and the 6fs-(2-aminomethyl-3-methyl-4-ethylquinoline)-platinous, -palla- 
dous, and -nickel ions through the a-bromocamphor-Tr-sulfonates. They 
prepared a - phenylethylenediamine - ( 2 - aminomethyl - 3 - methyl - 4 - e thyl- 
quinoline)platinous salts (72) and were able to fractionate the a-bromo- 
camphor-TT-sulfonate. Reihlen, Seipel, and Weinbrcnner (76) prepared 
and resolved Z-a-phenylethylenediaminedipyridylplatinous salts and other 
similar salts. Rosenheim and Gerb (77) resolved the 6is(2,3-diamino- 
toluene)-platinous and -palladous ions. In no case, however, have the 
nickel, platinous, or palladous salts been obtained in optically active form 
after the removal of the resolving agent. The results are, therefore, not 
entirely certain. 

Hein and Regler (30) have recently reported that crystallization of his- 
(8-hydroxyquinoline) argentic a-bromocamphor-7r-sulf onate yields f rac- 
tions of different rotatory power. 

Hantzsch and Rosenblatt (29) have suggested that the tetrammine plato 
compounds are not true salts of the tjrpe (Pt(NH 8 ) 4 ]Cl 2 , but are octahedral 
'^pseudo salts’' [Pt(NH 8 ) 4 Cl 2 ] in which the platinum is hexacovalent. In 
ionizing solvents, the chlorine atoms are expelled from the complex, as 
chloride ions, by the entrance of solvent molecules. Evidence for the 
existence of such pseudo salts is found in the abnormally low conductivity 
of Pt(pyridine) 4 (SCN)j and similar salts in alcohol, and in the fact that 
several of these salts show different absorption spectra in solvents which 
form solvates than in those which do not. It should be mentioned in 
this connection that divalent platinum is undoubtedly hexacovalent in 
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some compounds. By assuming the octahedral structure for the tetram- 
miiu‘, the theory accounts for both geometric and optical isomerism. 

HEXACOVALENT METALS 

The stereochemistry of the hexacovalent metals is remarkably complex 
and very little has been done to unravel the problems it presents. This 
is largely due, no doubt, to experimental difficulties. Methods of 8301- 
thesizing even the simple compounds are quite empirical, and it is as yet 
impossible to build very complex molecules of known configuration. Even 
if it were possible to synthesize the desired compounds, the problem of 
determination of configuration would still have to be met. The complexity 
of the problem is evident from the fact that a molecule in which six different 
groups are coordinated to the central atom should exist (assuming the 
octahedral theory) in thirty different configurations, — fifteen pairs of 
mirror-image isomers. The elementary state of our knowledge of the 
problem can be seen from the following considerations: The two simplest 
cases in which isomerism are possible are those in which (1) two coordi- 
nated groups are alike, but different from the other four, and (2) two groups 
are unlike and different from the other four. It is possible to synthesize 
many compounds of each type and in most cases to tell which is cis and 
which is trans. For the closely related compounds of the types [MA2b2] 
and [MA2bc] (A represents a group occupying two coordination positions) 
it is also possible to distinguish between the cis and the transj and in some 
cases to resolve the cis forms into optical antipodes. Resolution is like- 
wise possible for compounds of the type [MAs]. Beyond these simplest 
types, our knowledge is very slight. Compounds of other types have 
been described, but in most cases their configurations are not known. 

Several methods are available for determining the configurations of the 
compound of the types [Ma4b2] and [MA2b2]. Isomerism in these cases 
is apparently impossible when a group occupying two coordination posi- 
tions is substituted for the groups b. Werner assumed (91) that the 
compound formed in such case has the cis configuration, and that if the 
doubly bound group be replaced by two singly bound groups (b) these will 
be c" . to each other. For example, carbonato tetrammine cobaltic salts 
react with hydrochloric acid to give purple dichloro salts. These must 
be cis. The green isomeric dichloro salts, therefore, have the trans 
configuration. If we substitute other bases for ammonia, or other halo- 
gens for chlorine, the green and purple colors persist, and indicate the con- 
figurations of these compounds. 

The doubly bridged dinuclear complexes can also be used for determina- 
tions of configuration. These are assumed to be joined in the cis pK)sitions, 
and when broken, cis compounds are formed. 



76 


JOHN C. BAILAK, JR. 


^®(HaO)2 S 

cis cis 

(In these formulas ^‘en*' represents ethylenediamine.) 

Cis compounds of certain types are resolvable into optical antipodes, 
but trans compounds are not. This furnishes an absolute method of 
determining configurations for molecules of the types [MA 2 b 2 ] and [MA 2 bc]. 

The CIS compounds are usually but not always more soluble, less stable, 
and more intensely colored than the trans compounds. The cis compounds 
also have a greater electric moment than the trans. 

In many cases it is possible to change a cis compound to the trans, or 
vice versa. Thus, cts-dinitrodiethylenediaminocobaltic nitrite changes to 
the trans isomer when its water solution is boiled for a long time. Trans- 
dichlorodiethylenediaminocobaltic chloride changes to the cis form on 
heating in water. The presence of acid, however, causes the reverse 
change to take place. Reactions in which coordinated groups are dis- 
placed often lead to changes in configuration. Werner (91) made an 
extended study of this phenomenon, but as yet we know very little about 
it. A few of Werner's results are presented in table 1. 

No general rules can be drawn from these results. Reactions 1 and 2, 
6 and 7, 8 and 9, and 12 and 13 show that the configuration of the product 
has no relationship to the configuration of the original material. The last 
pair mentioned is the most striking, for change of configuration takes place 
in both reactions. This case has been subjected to a detailed study (7). 
Several bases were used to carry out the reaction, and the conditions of 
temperature and concentration were varied over a wide range, but the 
result in every case was the same as Werner reported. In some cases, 
however, the conditions of the experiment affect the relative amounts of 
the two isomeric products very markedly. 

To explain these results Werner assumed (90) that the incoming group 
is subjected to the attractive force of the central ion, and that this attrac- 
tive force is exerted in a definite direction which determines what position 
the group shall occupy. The group which is least firmly bound is expelled, 
and there is no connection between the positions of the incoming and 
outgoing groups. This problem is certainly in need of further study. 

The complex inorganic compounds lend themselves well to the study of 
optical rotatory power. Many of them are simple in structure, have 
absorption bands in the visible region, and have very high rotatory powers. 
Studies of the rotatory power of these compounds have been made by 
Jaeger® (32), Lifschitz (45), Johnson (38, 39), and others, and many in- 

* For a summary of his results see reference 32. 



r OH 1 


en*Co 

Coeii2 

Cl. HCl^ f 

\ 

/ 

L 

L OH J 




TABLE 1 

Results obtained by Werner in a study of changes in configuration 
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teresting facts have been brought to light. Johnson has deduced from 
atomic structure considerations that not all compounds of the type [MA3] 
are resolvable. The trioxalato salts of cobalt and chromium which are 
held together by ^'electron bonds'' have been resolved, but those of man- 
ganese and iron have not, and, according to Johnson, are incapable of reso- 
lution, since they are held together by '4onic bonds." 

In an effort to find a relationship between configuration and direction of 
rotation, Werner (92) carried out many transformations involving opti- 
cally active compounds: 

Z-ICoenaCbJCl + K^COs d-ICoenjCOslCl + 2KC1 
Z.[Coen 2 Cl(SCN)]Cl + NaNOa d-[Coen2(N02)(SCN)]Cl + NaCl 
Z-[CoenaCl(N02)]Cl + KCNS Z-[Coen2(SCN)(N02)]Cl + KCl 

He assumed that no change in configuration took place during these reac- 
tions, and formulated structures in accord with this assumption. The 
results of resolution of some of the compounds mentioned gives some evi- 
dence for this view. [Coen 2 Cl(SCN)]Cl, [Coen2Cl(N02)]Cl, and [Coena 
(N02)(SCN)]C1 were resolved through fractionation of the d-a-bromo- 
camphor-TT-sulfonates. Werner assumed that the complex ions of the 
same configuration form in each case the less soluble salt with the active 
acid. The results obtained agree with those derived from the first assump- 
tion, for the Z-[Coen 2 Cl(SCN)]+, ^-[CocnaCKNOa)]^, and d-lCoenaCNOa) 
(SCN)]'*" ions crystallized with the bromocamphorsulfonate in the first 
fractions. Werner has applied these principles to other cases as well. 
Jaeger (33) has criticized these views, and has sought to relate configuration 
to sign of rotation by a study of the crystal forms of the compounds in 
question. From studies of the optical absorption and rotation of many 
optically active complex salts, Mathieu (64) has found some support for 
Werner's rule relating configuration and solubility of the diastereoisomers. 

Several methods of correlating configuration with sign of rotation have 
been suggested recently. Werner Kuhn (41) has deduced absolute con- 
figurations of both organic and inorganic compounds from the theory of 
the origin of optical rotation. Mathieu (55) has suggested that the study 
of circular dichroism leads to a determination of configuration. Tsuchida, 
Kobayashi, and Nakamura (86) have reported that when finely-powdered 
quartz is shaken with solutions of certain racemic complex compounds, it 
preferentially adsorbs one antipode, compounds of the same configuration 
being preferentially adsorbed by quartz of a given sign of rotation. The 
method may also be used to determine whether a given compound is 
“cfs" or “Zrarw". Thus, when a solution of chloroamminobisdimethyl- 
glyoxime cobalt is shaken with the quartz powder, the supernatant liquid 
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is optically active (87). The complex compound must therefore have the 
cis configuration. 

Werner ^8 assumption that atoms or groups in the complex ion are always 
displaced by others without change of configuration is certainly wrong, 
for it has been shown (2) that silver carbonate reacts with Z-dichlorodiethyl- 
enediaminocobaltic chloride to give Z-carbonatodiethylenediamino salts, 
while potassium carbonate gives the dextrorotatory product. A more 
recent study (4) has shown that an excess of silver carbonate gives the 
levorotatory product, while a deficiency gives the dextrorotatory salt. It 
is interesting to consider this result in the light of the suggestions of Ban- 
croft and Davis (5). From a study of the reaction of bases with halo- 
succinic acids, they have concluded that the degree of inversion is a func- 
tion of the acidity of the solution. Such an explanation may not hold in 
this case, for silver carbonate, like potassium carbonate, is basic. How- 
ever, the greater the quantity of silver carbonate employed, the higher 
the negative rotation of the product, while potassium carbonate always 
gives a dextrorotatory product. 

Inversion occurs also when ammonia reacts with dichlorodiethylenedi- 
aminocobaltic chloride to form the diammino salt (3) : 

[co^“]a + 2NH.-[co™H^Jci. 

At the boiling point of liquid ammonia, and at lower temperatures, the 
product has the same sign of rotation as the original material (0.1 per cent 
solutions, D line for the dichloro salt and E line for the diammine), but 
at room temperature or higher, the sign of rotation is reversed. A little 
of the trans salts is always formed, the amount varying with the conditions 
of the experiment, but it is not yet known what factors control this change. 

The fact that inversion can take place in this reaction is very interesting, 
for it throws some light upon a recent theory of the Walden inversion. 
Olson (63) and Polanyi (8, 56) have suggested (on the basis of the reac- 
tions of organic molecules) that inversion accompanies every reaction. If 
the reaction takes place in one step, the initial and final products have 
opposite configurations; if it takes place in two steps, inversion takes place 
twice, and the product has the same configuration as the original salt, etc. 
In this case two chlorine ions, occupying identical positions in the mole- 
cule, are dispaced by ammonia molecules. It seems logical to suppose 
that the same mechanism functions in displacing the two ions. There 
must, then, be an even number of steps in the complete process, and accord- 
ing to the theory, inversion could not take place. (Formation of the 
trans salts could take place through the steps cis ds — > trans and race- 
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mization through the steps cis —► trana cis ) . If the two chlorine atoms 
are not displaced in the same way, inversion may take place. 

Meisenheimer^s theory of the Walden inversion (57, 59) postulates that 
the incoming group attaches itself to the face of the tetrahedron opposite 
the group to be expelled. For the octahedral model, there is no face op- 
posite a comer, but there are four ‘‘opposite^^ faces all equidistant from 
each corner. If we consider that the incoming group may attach itself 
to any one of these four faces, the theory of Meisenheimer will predict 
complete racemization, as a study of the model will show. 

If optically active groups are introduced into molecules of the type 
[MAa] some remarkably interesting properties appear. Jaeger and Blum- 
endal (34) have worked with <rans-l,2-cyclopentylenediamine (eye). For 
the complex ion consisting of three molecules of this base and a metal ion, 
eight stereoisomeric forms are theoretically possible, — Dddd, Dlll^ Dddlj 
Ddll, Ldddy Lilly Lddl, Ldll (D and L represent the configurations of the 
complex ion and d and I the configurations of the base). For the cobalt 
and rhodium complexes Jaeger and Blumendal obtained only two com- 
pounds, — Dill and Lddd. The asymmetry of the base has induced asym- 
metry in the complex, so that we have a partially asjnnmetric synthesis. 


When racemic 


en2 

mine, Co 

L cycj 


. en2" 

IC Co 


Cl was treated with racemic cyclopentylenedia- 


CI3 was formed. Resolution gave only two of the four 


possible isomers, — Dl and Ld. When the levo form of the base was used, 
however, both of the possible isomers were formed, — Dl and LL 


Jaeger and Blumendal also prepared the compound |^Co^^*JCl, using 

the racemic base. Of the three theoretically possible isomers of the 
trans configuration (dd, 11, dl), only two seemed to form , — dd and IL These, 
on being heated in water, gave the corresponding cis forms. For both 
the cis and the trans forms, the rotation of the complex was opposite to 
that of the free base. Attempts were made to introduce the levo base 
into the complex containing the dextro base, and vice versa, but the ex- 
pected compounds, if formed at all, decomposed to a mixture of the more 
symmetrical types. The same efifect was observed when ethylenediamine 
was introduced into the molecule: 


3 [co® j X, 2 [^Cocyc, j X, + j^Coen,] X, 

Evidently the desired compounds were formed in this case, but were too 
unstable to be separated from the solution. 

In building up complexes containing 1 ,2-propylenediamine (pn) still 
another complexity is introduced, for in addition to being optically active, 
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propylenediamine is unsymmetrical. Smirnoff (82, see also 85) prepared 
the platinic and cobaltic tripropylenediamino salts, and observed that it 
is not possible to have both the levo and dextro base in the same complex 
ion. Here again the rotation of the complex is opposite that of the base. 
Smirnoff did not detect any isomerism due to the unsymmetrical nature 
of the propylenediamine molecule. 


These results hint that a molecule of the type 



(where 1 is a levo- 


rotatory base such as cyclopentylenediamine or propylenediamine and x 
is a univalent group) might react more readily with another molecule of 
the levo base than with a molecule of the dextro base. If this is the case, 
a molecule of the complex, treated with an excess of the racemic base, 
might react with the levo component, leaving the dextro component un- 
combined, and thus effect a resolution of the base. Several attempts to 
produce such an effect have been made in the author^s laboratory,® but 
positive results have not yet been achieved. 

Werner and Smirnoff (96) investigated the case of cis-ethylenediamino 
active propylcnediamino-dinitrocobaltic salts. The complex may be 
either D or L, the propylenediamine may be cither d or Z, and for the cis 
form the methyl group of the propylenediamine molecule may be either 
adjacent to the plane containing the nitro groups or distant from it. If 
all of the possibilities are realized, eight isomers will exist. Werner and 
Smirnoff succeeded in obtaining all of them, thus confirming the predic- 
tions of the octahedral theory in a most brilliant manner. The two trans 
salts were also isolated. 

Hiirlimann (31) investigated the active dipropylenediaminocobaltic 
salts. Of the great number of isomers possible, only four seem to form, — 
namely, two pairs of optical antipodes. In one of the pairs the propylene- 
diamine molecules have the same configuration; in the other, they are of 
opposite configuration. No isomerism due to the position of the methyl 
group could be detected. None of the six possible trans salts was found. 

These phenomena have no counterpart in the stereochemistry of carbon. 
It is quite possible that further study in this field would yield results of 
great value to stereochemistry. 

Ley and his coworkers (43, 44) have studied some amino acid chelate 
compounds of the type 


Co 




0 — co\ 


/,j 


• This work has been done by Dr. J. H. Balthis, Mr. C. A. Stiegman, and Mr. E. H. 
Huffman. 
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Each of the glycine, alanine, and picolinic compounds exists in two forms 
(one violet and one red) in one of which the nitrogen atoms are all cis to 
each other (1:2:3), while in the other two nitrogen atoms are irans to 
each other (1:2:6). No method of distinguishing between them has 
been developed. Both the violet and the red forms are asymmetric, but 
cannot be resolved as they do not form salts. Chelated amino acid salts 
of platinum and chromium were also prepared. Using d-alanine, Lifschitz 
(46) obtained three forms of the cobalt salt, — two violet and one red. The 
two violet forms are supposed to be diastereoisomers, Dddd and lAdd. 
If this explanation is correct, there should be two red forms also. Lifschitz 
did not isolate them, but he obtained evidence for their existence. 

Shibata and his colleagues (80, 81) studied the catalytic oxidation of 
certain racemic amino acids in the presence of optically active complex 
compounds and reported that one isomer of the amino acid is oxidized 
faster than the other. They attribute this to an ‘*enzyme-like action^' of 
the inorganic complex. An alternative explanation would be that one 
form of the amino acid becomes part of the complex, while the other does 
not. Subsequent oxidation might destroy one or the other. Pugh's 
results (66) are not entirely in accord with those of Shibata. 

In a metal ammine, each nitrogen atom may be considered the center 
of a ^^secondary" complex. This was strikingly illustrated by Meisen- 
heimer, Angermann, Holsten, and Kinderlen (58), in demonstrating the 
tetrahedral nature of the nitrogen atom. Sarcosine-diethylenediamino- 
cobaltic chloride 


ooc 
/ \ 

en2Co CH 2 


in, 


CI2 


was con\ crted to the bromocamphorsulfonate, which upon crystalliza- 
tion yielded two forms, evidently (Co — N±) and (Co + N±). The 
second, upon recrystallization from water, gave a salt with a molecular 
rotation (for the D line) of -|-2290®. This gradually decreased to -f 2020°, 
which is the value for the (Co -f- N±) form. Two of the other three 
isomers were obtained in the impure state. Their rotations changed in 
solution to that of the nitrogen racemic compound. 

The same principle is illustrated in the resolution of (/3,^'-diammodiethyl 
sulfide monohydrochloride)tetrachloroplatinum, 
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NH,' 
CUPt^ tH4 


J-C,H4NH,HC1 


which was accomplished by Mann (51). In this case the sulfur atom is 
asymmetric. 

A somewhat different case involves the resolution of (a, /S, 7 -tnamino- 
propane hydrochloride)tetrachloroplatinum, which was also reported by 
Mann (50). The platinum and nitrogen atoms arc not asymmetric, so 
that optical activity must be due to a carbon atom, which has become 
asymmetric in the formation of the complex. Coordination evidently 
takes place through the a and groups (structure I) rather than through 
the a and 7 groups (II). 
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It is possible for a single group to occupy three or even four coordina- 
tion positions. Mann and Pope (52) prepared cobalt and rhodium salts 
of a, p, 7 -triaminopropane, in which each molecule of the base occupies 
three coordination p>ositions. Such a salt should exist in three forms, two 
of which (II and III) are asymmetric. 



X 


E 


m 
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Only one isomer was obtained; evidently it is much more stable than the 
others, and is formed preferentially. There was some evidence of optical 
activity, but the results in this regard are not definite. 

Morgan and Main-Smith (62) demonstrated that ethylenediaminobis- 
acetylacetone (abbreviated “ec'O acting in the enol form, CHs 0(011): 
CH . CO . CH : N . CHj • CHa ■ N : CH • CO • CH : C(OH) • CH,, can occupy four 
coordination positions. All five of the possible stereoisomers of the com- 
pound [Coec(NH 8 ) 2 ]Br were obtained. The most stable form is the one 
in which the ammonia molecules occupy the trans positions; the other 
forms, which comprise two pairs of mirror images, all change over to it 
on standing. Morgan and Main-Smith later attempted to duplicate their 
own work, even in another laboratory and using new apparatus, but were 
unable to prepare any but the stable form. 

The polynuclear complexes offer many interesting problems in stereo- 
chemistry, but very little research work has been done in this field since 
the time of Werner. The tetranuclear tri-(tetramminodiolcobaltic)cobal- 
tic chloride 



Co(NH3)4 



Cl« 


is the most interesting of these compounds from the historical point of 
view, for the resolution of this purely inorganic substance (94) furnished 
final proof of the correctness of the octahedral theory. 

A polynuclear complex may contain more than one center of asymmetry. 
Thus, in tetraethylenediamino-/x-amminonitrodicobaltic bromide 


eniCo 


NH, 


Coena 


Br4 


there are two asymmetric cobalt atoms, and Werner (93) was able to ob- 
tain dextro, levo, and meso forms. The active forms were converted to 
the meso form by heating in solution. The fact that the meso form was 
completely inactive led Werner to the conclusion that there is no essential 
difference between ‘^primary'' and ‘‘secondary'' valences. Lifschitz (47) 
does not agree with this conclusion. 

In the peroxo salt 


Br4 


NH, 

HI ^ \ 

eniCo Coent 
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the two cobalt atoms differ in valence, so the compound should exist in 
four forms. Werner (95) isolated two of these, —the ones in which the 
cobalt atoms are both dextro, or both levo. Starting with the active 
material, Werner prepared several other optically active dinuclear com- 
plexes. These are presented in table 2. It is to be observed that all of 
the compounds obtained in these reactions have rotations opposite in sign 
to that of the original material. The rotations, also, are much smaller 
than that of the original /i-amino-peroxo salt. It is not clear whether this 
is due to a difference in structure or to partial racemization during the 


Reactions of l- 


TABLE 2 
|^en,Co<( > 


Cocn^ 


X, 


W = -840^ IM] 6854° 


NO. 

REAOBNT 

PRODUCT 

[a] 

(Afl 

1 

NHa 


III yNHv IV ”1 
en2Co<^ y Coena Xs 

^ 0 ,/ J 

+160° 

+ 1372° 

2 

HX 


r HX 

III yNH\ IV I 

enjCo<^ ^Coena Xs 

Oa ' J 

+192° 

+1625° 

3 

Nal 


III yNHax III ”1 

enaCo<^ yCoena X4 

J 

C 

0 

+ 

+ 990° 

4 

HNOj 


r III yNHav HI "1 
en2Co<^ yCoeiia X4 

L ^NOa^ J 

+158° 

+ 1311° 

5 

SO2 

1 

r III y NHav III n 

cn2Co<y yCoena Xs 

L ^S 04 ^ J 

+200° 

+1384° 


reactions. Werner believed that the valence of the central atom was 
important in determining the magnitude of rotation, as the compounds 
containing one tetravalcnt cobalt atom have somewhat larger rotations 
than the others. The data, however, are insufficient to support this 
hypothesis. 
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I. GENERAL 

Although the term “complex’^ has been most often restricted to such 
particular classes of structures as the ammincs, halides, etc. to which 
Werner gave the greater part of his attention, it is often useful to extend 
its meaning. Werner himself pointed out the essential similarity of such 
acids as H2SO4, HBF4, and H2[PtCl4(OH)2], and even described HCl and 
KOH as merely the anhydro forms of the corresponding ‘^true^^ or aquo 
acid and base concerned. Indeed, in attempting to discuss the protolysis 
of ions in water solution, one is inclined to include Fe"*^ (as [Fe(H20)x]‘^) 
and H+ (as [H30(H20)x]^) on the same terms as [Cr(NH3)6]'^+ and NH4+. 
The difficulty is to find an ion to which the logically extended term ‘‘com- 
plex” does not apply. Probably such large and apparently slightly hy- 
drated elementary ions as Cs^ and 1 “ approach most nearly to this con- 
dition. 

Present-day viewpoints permit a partial understanding of acid-base 
properties in terms of the same concepts as are necessary to account for 
the existence and relative stability of complex compounds, — indeed of 
compounds, radicals, and molecules in general. Adopting, for example, 
Mulliken’s ( 30 ) formulation: — “Every nucleus (in a molecule) tends to 
be surrounded, by means of sharing or transfer of electrons, by an electron 
distribution corresponding to some stable configuration having a total 
charge approximately equal to or somewhat exceeding the charge of the 
nucleus”; — it is evident that the vast majority of atoms have attained 
this state, some by the formation of “simple” ions (Na+, Cl") or mole- 
cules (CeHe) and others by the formation of such typical complexes as 

[Fe(CN) 6 ] , [Cu(NH3)4]^, HBF4, HSO4-, [Sx]— , [Fe(H 20 )x]-^, or 

RaNH"^. The tendency of any particular complex to form is calculable 
in principle from a knowledge of the valence states of the atoms in the 
complex, the energies of these states, and like data for the atomic configura- 
tion which preceded the one we are studying. Tables of such valence state 
energies, and of relative electronegativities of atoms, have been given by 
Mulliken ( 30 , 31 ) and others. The relative electronegativity of an atom 
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depends equally on its ionization potentials and its electron affinity, and 
the same is true of molecules. Thus any molecule or atom will have some 
tendency to act as an electron donor (34) (and reductant) and also as an 
electron acceptor (and oxidant). The balance between these tendencies 
determines many of the most important properties of the molecule. Elec- 
tron donation or reducing character naturally tends to increase quite 
regularly with the negative charge on the molecule, and to change in loss 
simple ways with its pattern and the relative charges, sizes, and polariza- 
bilities of the atoms it contains. For a discussion of these effects Ingold’s 
(21) recent paper in this journal may be consulted. The same author has 
emphasized the point that protolytic reactions are also manifestations of 
the same mechanisms, so that in general, where one molecule is more of 
a donor or reductant than another, it may also be expected to be a stronger 
protophile or base. The general terms ‘^nucleophilic” and “electrophilic” 
are proposed to designate these tendencies. 

For the student of acid-base behavior the properties of the solvent are 
of paramount importance. This is seen, for example, both in the forma- 
tion of acids in Br0nsted’s sense from molecules which in themselves con- 
tain no hydrogen (cf. SO3 + 3H2O — ► 2H30‘‘' -f SO4 and Fe+'^^" + 
nH20 [Fe0H(H20)«-.2]^^ + HsO"**) and in other chemical respects, as 
well as in the influence it exerts through its dielectric properties on the 
thermodynamic properties of dissolved electrolytes. 

In spite of Br0nsted’s success in giving to acid- base reactions a formula- 
tion sufficiently general to apply to all solvents, the great bulk of attention 
in this field, as in others, still remains centered upon water solutions. 

It is therefore peculiarly gratifying that certain very important recent 
studies (2, 14, 39) have thrown new light on the peculiarities of this im- 
portant solvent. Most liquids in the neighborhood of their freezing points 
seem to retain traces of crystalline order in the form of a “swarm” or 
“cybotactic” structure (38). This effect becomes much more marked 
when dipole interaction, hydrogen-bond formation, or resonance results in 
definite association into chains, as in alcohols, into polymers, as in car- 
boxylic acids (36), or an actual tetrahedral (tridymite) structure of the 
swarm, as in cold water (2, 14, 39). This structure involves ionization at 
the ends only of any continuous chain running through the swarm, and 
explains the remarkably low conductivity of a substance so rich in mobile 
protons as water. The structure is thermolabile, so that conductance, 
hydrolysis, fluidity, and many other properties show a marked dependence 
on temperature, and is apparently also extremely sensitive to the depoly- 
merizing effect of dissolved ions, — an effect that appears to extend over 
a considerable distance. According to Ulich (39) ions of sufficiently high 
ionic potential (Cartledge (11)) to be strongly solvated (H^, Li+, Na+, 
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etc.) show low mobility in all solvents because of the increase in their 
effective radii due to solvation. The large ions like Cs*^ and C104“, 
which are only slightly solvated, show normal mobilities in non-aqueous 
solvents, but high mobilities in water. The latter phenomenon is explained 
by the depolymerizing effect which the ion-dipole interaction with the 
solvent has on the exceptionally complete swarm structure of water, so 
that each ion becomes surrounded by a “private space,” the viscosity of 
which corresponds to that of depolymerized water instead of to that of 
the solution as a whole. Many interesting relationships are given in 
Ulich's paper, which should be consulted for further details. 

Although the structures of such hydrates as CUSO4 *51120 and NiS04* 
7H2O in the solid state have recently been shown (3) to be in excellent 
agreement with such views as Sidgwick’s (35), it is probably still impos- 
sible to give a physical meaning to the statement that the formula of 
the cupric ion in water is [Cu(H20)4]'^, while that of the nickel ion is 
[Ni(H20)6]^ (29). Such definite formulas are not at all necessary to an 
understanding of acid-base behavior, but are definitely a convenience as 
will appear below. 

In solvents other than water the problems of solvation and solvolysis 
are at least as difficult as in water solution and have been much less 
studied. Kraus (24) has discussed at length the nature of the ions in 
these solutions and clearly indicated the difficulties of the problem. 

Within very recent years the work of Sir Harold Hartley and his asso- 
ciates has done much to supplement the earlier researches of Goldschmidt, 
Walden, Franklin, Kraus, etc. on the conductance of such systems, and 
writers such as Sidgwick and Davies have contributed interesting sug- 
gestions. 

Fundamentally, as stated above (21), the effect of different solvents on 
a solute depends on the relatively electrophilic or nucleophilic character 
of the solvent, i.c., a solvent that can act as an electron donor, base, or 
reducer will compete for and promote the formation of possible cations of 
the solute in quite a different way from one which is only an acceptor, 
an acid, or an oxidizing agent. Hydroxylic and other amphiprotic sol- 
vents will also have a large self-buffering action (seen to the best advantage 
in H2SO4). Also dependent on this electronegativity balance will be the 
dielectric constant of the solvent, which will determine the tendency to 
ion-association (Bjerrum, Fuoss), and in the case of protolytic equilibria 
will determine the gross changes in the relative strength of acids which 
occur when acids of different charge type are transferred from one solvent 
to another (7). Wynne- Jones, (42) Schwarzenbach and Egli (33), and 
Hammett (41) have recently shown how the less striking but very im- 
portant changes of relative strength among acids of the sarne charge type 
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may be correlated with the structures of the acids, particularly with the 
electric moments of substituent groups. 

A very interesting problem is presented in each solvent by the ions 
formed by the solvent itself. The fact that these ions have abnormal 
mobilities in water and some other solvents has led to two views: (1) 
that they arc relatively little solvated, and (2) that they conduct in part 
by a Grotthuss chain mechanism. This latter view has been recently 
revived by Hiickel (19) and by Fowler (2, 14) for aqueous solutions, but 
was adversely criticized by Kraus (24), and lately by others on the basis 
of results in deuterium oxide. Hammett (18), however, has redirected 
attention to the possibility (Latimer and Rodebush (28)) that whether 
or not “abnormal” mobility makes its appearance may depend on the 
basic strength of the solvent. Probably both the acid and basic strength 
of the solvent is involved, so that the phenomenon is striking in water, 
formic acid, and sulfuric acid (18) but less so in ammonia, pyridine, or 
the alcohols. The well-known effect of small quantities of water on the 
conductance of acids and some salts in the alcohols has recently been re- 
studied by Hughes and Hartley (20), who give an interesting general dis- 
cussion of these effects. 

H. COMPLEX METAL CATIONS 

Complex ions first made their appearance in chemical theory to explain 
(1) the virtual disappearance of the properties of, for example, Fe++ ion 
in ferrocyanide solution, and (2) the anomalous results of transference 
studies in which certain usually positively charged elements apparently 
migrated toward the positive electrode. The real heyday of the complex 
compounds only began, however, with Werner’s studies of the hydrates 
and ammines. The remarkable stability of the latter led Werner to 
develop a powerful new theory of valency, and to enrich almost every 
department of chemistry with his ideas. The subject of acids and bases 
was often uppermost in his mind. Thus we find that his attention was 
attracted by a group of compounds (40) whose behavior could be explained 
by assuming that they contained the ten series of cations shown in table 1. 
On examination he found that: (1) Only the first series are able to pre- 
cipitate silver oxide from silver nitrate. (2) Only the first three series 
liberate ammonia from NH 4 ^ in the cold. (3) Only the first five series 
absorb carbon dioxide. (4) The first eight series react alkaline to litmus, 
the other two neutral. (5) The first eight series are more soluble in acetic 
acid than in water. From solutions of 1, 2, and 3, metallic salts precipi- 
tate aquo salts, but from solutions of 4, 5, 6, 7, and 8, hydroxo salts are 
precipitated. (6) All the series appear to form aquo salts with mineral 
acids, which are usually precipitated as such by metallic salts, but from 
the last two series only hydroxo salts are reprecipitated. 
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This beautiful group of semiquantitative results interpreted in the light 
of later knowledge shows: (1) The central atom confers acid strength in 
the diminishing order Pt'^, Ru*^, Cr“*, Co”'. (2) As would be expected, 

the total charge of the strongest base is low (+1) while the weakest has 
a charge of +2, but constitutive influences seem to overcome the effect 
of the charge in several cases. (3) The presence of aquo groups seems to 
increase the acid strength of the corresponding acids to an extent roughly 
proportional to their number. (4) The equilibrium constant (no concen- 
trations are given) for the reaction 

aquo-cation + H2O ^ hydroxo-cation + H3O+ 
may be roughly estimated from the results reported below: 

aeries constant 

1 10 -® 

2-3 10-* to 10 

4-5 10-* to 10-» 

6-8 10 (circa) 

9-10 10-2 to 10® 

TABLE I 


Werner^s series of basic cations 


SEKIEB 

CATION 

SERIES 

CATION 

1 

[Co(NH,)4(N02)OHf-^ 

6 

(Cr(NH5)2H30)30H] + + 

2 

[Co(NH,)60H1 + + 

7 

[Cr(NH,)»(H,0),(OH),l + 

3 

[Co(NH3)4(H20)OH1 + + 

8 

[Co(NH,),py,(H,0)OHl + + 

4 

lCoen*(H20)0Hl + ^(l,2-) 

9 

1Ru(NH,)4(NO)OH1 + + 

5 

[Coen2(H20)OH) ++(l,6-) 

10 

[Pt(NH,)4(OH)jr + 


Largely guided by these results, Werner proposed his hypothesis that 
equilibria exist in solution between water, the hydroxo salts, and the 
corresponding aquo compounds, and later broadened this conception into 
a new comprehensive theory of acids and bases. The equilibria p)ostulated 
by Werner may be written 

hydroxo-cation -4- H 2 O aquo-cation -f OH” 

and 

hydroxo-cation -1- HsO^ ^ aquo-cation H 2 O 

It was natural that these mechanisms should seem to Werner of great 
significance and that he should have concluded that oil metallic hydroxides 
are anhydro bases, becoming ''true'' or aquo bases only on solvation, while 
acids like hydrochloric he also assumed were anhydro acids. T.hese ideas 
shocked the convinced followers of Arrhenius at the time, and Lamb in 
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1921 could write (27), ‘^this theory has apparently found such scant accept- 
ance that only a brief discussion of it ... is required.” Indeed, in the 
form proposed. Lamb was able to show that it involved “gratuitous and 
arbitrary assumptions” in many cases. I think it is fair to say now that 
the special form of the theory has no particular appeal, while many of its 
substantial ideas are wholly consistent with present views. 

With Larson in 1920, Lamb (26) determined the relative stabilities of 
several cobaltic ammincs, finding that the dissociation into simple cobaltic 
ions, ammonia, and other products decreased in the order shown in table 
2. The concentration dissociation constants are very small (Kc == 2.2 
X 10*^^^ in the case of the hexammine), as is indicated by the well-known 
stability of these groups in ordinary chemical operations. It is, of course, 

TABLE 2 


Relative stabilities of cobaltic ammines 


(1) [Co(NH3)4(N02)2l^(l,6-) 

(4) [Co(NH,)4(NO0»1+(1,2-) 

(2) [Co(NH,).] + -"^ 

(5) (Co(NH,)4(H,0),1 +++ 

(3) [Co(NH,)5(NOs)r + 

(6) [Co(NH,).(HjO)]+++ 


TABLE 3 


Dissociation constants of ammines 



Kc 

Ag(NH.),+ 

6.8 X 10“8 

Cu(NH,)2+ 

1.5 X 10-® 

Cd(NH,)4+ + 

1.0 X 10“^ 

Zn(NH,)4^ + 

2.6 X 10-10 

Co(NH2)« + + 

1.25 X 10-0 


to be expected that those cations with the greatest tendency to liberate 
ammonia should be the weakest acids and this is in general the case, as 
indicated in table 6. The same authors also determined the dissociation 
constant of cobaltous hexammine, and give the list shown in table 3 for 
comparison. These complexes, being much more highly dissociated, 
should evidently be still weaker acids. 

Much work has been done on the vapor tensions of ammines, and a 
particularly interesting series of results is given by Spacu and Voichescu 
(37). In a study of certain ammoniates of the thiocyanate, formate, ace- 
tate, chromate, glycolate, and other salts of Cu"^, the strength of the bond 
between the metal ion and ammonia was found to be inversely proportional 
to the base strength of the anion of the salt, under otherwise comparable 
conditions, while many other structural influences were also apparent. 
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Bjemim (4), in 1906, gave 0.89 X lO'* as the constant at 25®C. of 
the reaction 


Cr(H20)r + HjO ^ Cr(H 20 ) 50 H"" + 

and Denham (12), in 1908, gave a value about twice as great. With 
Fonda (25), Lamb made several determinations of this quantity, arriving 
at an average value of 1.58 X 10“* at 25°C. The later determination by 
Br0nsted and Volqvartz (9) lies in the same range. 

A broader attack on the acidity problem was made in collaboration with 
Victor Yngve (27). Lamb and Yngve determined the conductance 

ratio a = for a series of hydroxides of cobaltammine cations at 0®C., 

finding that many of the bases were apparently as highly ionized as the 
hydroxides of the alkalis. Their series is presented in table 4. These 

TABLE 4 


Conductance ratio of a series of hydroxides of cobaltammine cations 


NO. 

CATION 

a (per cent) 
(1.33 X 10-»Af) 

a' (per cent) 

1 

[Co(NH,)4CO,) + 

97.6 


2 

[1,6-Co(NH,)4(NO,),1 + 

95.0 


3 

(Co(NH, ),!++ + 

89.5 


4 

(Co(en).l+++ 

88.6 


5 

[1,2-Co(NH,)4(NO.),1 + 

81.2 


6 

[Co(NH,)4(H.O)1+++ 

53.5 

82.9 

7 

[Co(NH,).(H,0)(NO,),] + 

36.0 


8 

[Co(en),(H,0).l+++ 

27.3 

84.8 

9 

[Co(NH,)4(H,0),]+++ 

24.6 

74.0 


values are for the hydroxides of the cations as written. If the more 
probable assumption (rejected by Lamb) is made, that the aquo-cations 
are transformed to hydroxo compounds in Werner's sense, the more useful 
figures (a') in the third column are obtained. 

Br0nsted (8) has called attention to the importance on the one hand of 
the number of dissociable protons in the acid and on the other of the 
number of possible points of attachment on the conjugate base. This 
‘‘statistical factor" appears useful in harmonizing the results of catalytic 
studies with bases of different charge type (10), although it is not sufficient 
to explain the whole difference in strength found in a series of otherwise 
similar trivalent cation acids (Br0nsted and Volqvartz (9)). 

The last paper referred to is almost the only serious modern attempt that 
has been made to determine accurately the relative strength of a series 
of multiply charged cation acids. The substances studied with their dis* 
sociation constants at 15°C. are supposedly the tripositive ions (see 
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TABLE 5 


Br^nsted and Volqvartz’ a aeries of tripoaitive acids 


NO. 

ION 

Ka X 10« 

NO. 

ION 

Ka X 10« 

1 


V H.0 

_ (NH,)._ 


2.04 

5 

L^(nh.).J 

1.38 

2 


_ (H,0), 


C 03 

6 

(A1(H,0).] 

11.2 

3 


(H,0), 

(NH.),^ 


18.8 

7 

ICr(H.O).l 

126. 

4 


(HiO)4 

[““(NH,).. 


400. 

8 

[Fe(H,0),] 

6300. 


TABLE 6 


Summary of results on the acid strength of the ammino cations 


ACID 

pKa _ 

(Lamb (0*C.)) 

pKa 

(Werner) 

pKa 

(Br0nsted 

(16-C.)) 

ICo(NH,) 4CO,1 + 
[Co(NH,) 4 (NO,) 2 l'^(l, 6 -) 

[Co(NH, )«] + + + 

(Coen,] ++-^ 

[Co(NH,) 60 H] + + 

(Co(en) 2 (OH) 2 ]-^ 

[Co(NH,) 4 (N 02 ) 2 ]^( 1 , 2 -) 

1 

(13) 



[Co(NH,)4(OH)»1 + 

( 12 ) 



[Co(NH,),(NO.).(H.O)l + 
[Co(NH,)4(NO,)(H,0)1 + + 

(11) 

(6) 


(Rh(NH,)»(H,0)r + + 
ICr(H.O) 4 Cl,l + + 

5.72 (20‘’C,) 

5.42 (Bj.) 

5.86 

[Co(NH,)4(H,0)1 +++ 


(5-6) 

5.69 

(Co(NH,)4(H,0),1 + + + 


(5-6) 

5.22 

(Co(en),(H,0),l++^(l,2-) 


(3h1) 


lCo(en),(H,0),l++^(l,6-) 

[Al(H.O).l+++(7) 


(3-1) 

4.95 

[Co(NH,),(H,0),r + + 



4.73 

ICr(H,0) ,]+++(?) 

3.80 (25^0.) 

4.05 (Bj.) \ 
3.75 (D.) / 

3.90 

1Co(NH.),(H,0)4] + + ^ 
[Cr(NH.),(H,0),OH] + + 


(2-3) 

3.40 

(Cr(NH,),<H, 0 ) 4 l + + * 


(2-3) 


[Co(NH.),py,(H,0),l++ + 


(2-3) 


(Ru(NH,)4NOH,01++ + 


( 2 ) 


lPt(NH,)4(H,0),l++ + 

(Fe(H,0), )+++(?) 


( 2 ) 

2.20 


In this table (Bj.) refers to Bjerrum (4) and (D.) to Denham (12). 
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table 6). It will be noted that Nos. 1 and 2 relate to Werner's series 2 and 
3 (table 1) and that the constants actually determined in these cases fall 
within the limits indicated by Werner's work. 

The calculated influence of the statistical factor is in direct agreement 
with the first four values given, but is insufficient to account for the 
gradations found. The authors estimate the residual ‘^chemical" effects 
on the strength as increasing in the ratio 1:1.5:3.3:50. If the statistical 
factor proves to be universally important, it may later be possible from 
such results as these to calculate back from the observed strength or 
catalytic constants of a series of hydrates and determine the relative 
number of water molecules bound in the coordination complex. Thus in 
the present case better agreement would be secured by assuming a struc- 
ture [A1(H20)4]'^'*"^ for the A1+++ ion. Br0nsted and Volqvartz (9) also 
determined the salt effects on the constants listed and found them very 
large in agreement with prediction.^ 

Table 6 gives an attempt to summarize the results of the work reported 
above on the acid strength of the ammino-cations. A few hydrate com- 
plexes are included for comparison. 

It is evident that the usual influences such as charge and size of the 
complex, charge of the central atom, and the statistical factor are operat- 
ing here. No certain conclusions can be drawn concerning the relative 
effect of the different anions within the complex, although the weakest 
acid of the whole list contains the very strong base COa"" The ammino- 
cations are in general far less acid than the corresponding aquo-cations, 
as well as far more stable. 

Quite recently (15) it has been found that of the isomeric complexes 
[Pt(NH 8 ) 2 (OH) 2 ], the trans isomer is much the stronger base, and that 
the difference between the first and second hydroxyl is much sharper 
than in the cis complex. 

III. THE ACIDITY OF HYDRATES 

It has not seemed worth while to present a complete table of results on 
the hydrolysis of metallic salts, because (1) the results arc relatively 
familiar, (2) the exact structure of the acids concerned is for the most 
part unknown, and (3) there is a fairly satisfactory qualitative theory of 
the effects concerned. 

Many authors have discussed the effect of charge and size of a simple 
cation on the acidity of its oxide and hydroxide, and Cartledge (11) has 
developed an expression for the ionic potential which has been applied by 
Brintzinger (6) to the hydration of cations in solution. This and other 
aspects of Brintzinger's work have, however, been destructively criticized 
by Schmitz-Dumont (32). 

* A recent modification by Pedersen of the theory of the statistical factor seems 
to be controverted by recent studies in heavy water (43). 
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The hydrolysis of a great many salts in solution has been measured by 
a variety of means, and the results are to be found in tables such as those 
of Landolt-Bdrnstein. Some of the best work in this field has been done 
by Bjerrum. A large number of rare earth cations were studied at the 
University of Illinois by Kleinheksel and Kremers (22). 

rv. ONIUM SALTS AS ACIDS 

Since the great work of Bredig (5) on the hydrolysis of the organic am- 
moniums, little of fundamental importance has been done on the relation 
of structure to acid strength of these groups in water solution. Hall and 
Sprinkle (16) called attention to a few new regularities in this field, and 
two extremely interesting contributions by Hammett have greatly ex- 
tended the possibilities of further advance. In one (17) he showed how 
the acid strength of extremely strong indicator acids could be quantita- 
tively studied, and in the other (13) extended the method to colorless 
substances by the use of ultra-violet colorimetry. The special properties 
of the hydronium ion H+(H20)n are discussed by Rodcbush in another 
paper in this symposium. 

That the onium compounds may be acids not only in solution, but also 
in the fused state has been emphasized in valuable papers by Audrieth (1). 

V. COMPLEX ANIONS 

While a few anions of low charge are acidic in water, the overwhelming 
majority are either neutral or distinctly basic. Since structural influences 
on the strength of the uncharged acids have been so often discussed, only 
brief mention of them will be made here. 

Many of the common anions contain a central atom, such as chlorine 
or iron, and varying numbers of atoms or groups coordinated with it. 

Hantzsch remarked that among the oxygen acids those with the most 
oxygen were in general the strongest, and that, as a rule, complex anions 
tend to be weak bases. Since the mechanism of solvation and solvolysis 
is different with anions and cations, it is reasonable to expect those anions 
whose central atoms are coordinatively saturated to attract the hydrogen 
of water relatively weakly and to undergo less basic hydrolysis, just as 
the ammines and similarly saturated cations show but slight acid proper- 
ties. Of course, the influence of the charge is as usual all important. In 
two recent papers Kolthoff and Tomsicek (23) have brought to light the 

striking fact that while [Fe(CN)6] and [Mo(CN)8] are very weak 

bases, [Fe(CN)6j is about as strong a base as benzoate ion. 

REFERENCES 

(1) Axjdrieth, L. F., Long, A., and Edwards, R. E. : J. Am. Chem. Soc. 68, 428-9 

(1036) (references to earlier papers). 

(2) Bernal, J. D., and Fowler, R. H.: J. Chem. Physics 1, 616 (1033). 



ACID-BASE PROPERTIES OP COMPLEX IONS 


99 


(3) Bernal, J. D., and Wells, A. F.: Chem. Soc. Ann. Rcpts. 32, 222 (1935). 

(4) Bjbrrum, N. : Kgl. Danske Videnskab. Selskabs Skiifter [7] 4, 1 (1906). 

(5) Brbdig, G.: Z. physik. Chem. 13, 191 (1894). 

(6) Brintzinger, H.: Z. anorg. allgcm. (^hcm. 1933-36, many papers. 

(7) Br0nsted, J. N., numerous papers, e.g., Br0nsted, J. N., Delbaxco, A., and 

To VBORG- Jensen, A.: Z. physik. Chem. 169A, 361-78 (1934). 

(8) Br0nstbd, j. N.: Chem. Rev. 6, 231-338 (1928). See especially p. 322 ff. 

(9) Br0nsted, j. N., and Volqvartz, K.: Z. physik. Chem. 134, 97-134 (1928). 

(10) Br0nstbd, j. N., and Volqvartz, K.: Z. physik. Chem. 166A, 211-24 (1931). 

(11) Cartledge, G. H.: J. Am. Chem. Soc. 60, 2855 (1928); 62, 3076 (1930). 

(12) Denham, H. G.: J. Chem. Soc. 93, 53 (1908). 

(13) Flexser, L. a., Hammett, L. P., and Dingwall, A.: J. Am. C hem. Soc. 67, 

2103 (1935). 

(14) Fowler, R. H., and Bernal, J. D.: Trans. Faraday Soc. 29, 1049 (1933). 

(15) Grtnberg, A. A., and RYABrniKOv, D. I.: Compt. rend. acad. sci. W S. S. R. 

(N. S.) 4, 259-262 (1936); Chem. Abstracts 30, 3701 (1936). 

(16) Hall, N. F., and Sprinkle, M. R.: J. Am. Chem. Soc. 64, 3469-85 (1932). 

(17) Hammett, L. P., and Deyrup, A. J.: J. Am. Chem. Soc. 64, 2721-39, 4239-47 

(1932). 

(18) Hammett, L. P., and Lowenheim, F. A.: J. Am. Chem. Soc. 66, 2620-5 (1934). 

(19) HOckel, E.: Z. Elektrochem. 34, 546 (1928). 

(20) Hughes, O. T.., and Hartley, H.: Phil. Mag. 16, 610 (1933). 

(21) Ingold, C. K.: Chem. Rev. 16, 22^74 (1934). 

(22) Kleinheksel, J. H., with Kremers, H. C.: J. Am. Chem. Soc. 60, 965 (1928). 

(23) Kolthoff, I. M., and Tomsicek, W. J.: J. Phys. Chem. 39, 945-55 (1935). 

(24) Kraus, C. A.: Properties of Electrically Conducting Systems. The Chemical 

Catalog Co., Inc., New York (1922). 

(25) Lamb, A. B., and Fonda, G. R. : J. Am. Chem. Soc. 43, 1154-78 (1921). 

(26) Lamb, A. B., and Larson, A. T. : J. Am. Chem. Soc. 42, 2024-46 (1920). 

(27) Lamb, A. B., and Yngve, V.: J. Am. Chem. Soc. 43, 2352-66 (1921). 

(28) Latimer, W. M., and Rodebush, W. H.: J. Am. Chem. Soc. 42, 1432 (1920). 

(29) Moelwyn-Hughes, E. A,, and Sherman, A.: J. Chem. Soc. 1936, 101-10. 

(30) Mulliken, R. S.: Phys. Rev. 41, 60 (1932). 

(31) Mulliken, R. S.: J. Chem. Physics 2, 782 (1934). 

(32) Schmitz-Dumont, O.: Z. anorg. allgem. Chem. 226, 33-45 (1935). 

(33) Schwarzenbach, G., and Egli, H.: Helv. Chim. Acta 17, 1176-96 (1934); 18, 

5-6 (1935). 

(34) SiDGWicK, N. V. : The Electronic Theory of Valency, p. 116. Oxford University 

Press, London (1927). 

(35) Reference 34, p. 195. 

(36) SiDGWiGK, N. V.: Chem. Soc. Ann. Repts. 31,40ff. (1933). 

(37) Spacu, G., and Voichescu, P.: Z. anorg. allgem. Chem. 226, 273-88 (1936). 

(38) Stewart, G. W.: Trans. Faraday Soc. 29, 982, 1077 (1933). 

(39) Ulich, H.: Z. angew. Chem. 49, 279-83 (1936). 

(40) Werner, A. : New Ideas on Inorganic Chemistry (translated by E. P. Hedley), 

p. 201. Longmans, Green, and Co., London (1911). 

(41) Wooten, L. A., and Hammett, T.. P.: J. Am. Chem. Soc. 67, 2289-96 (1935). 

(42) Wynne-Jones, W. F. K. : Proc. Roy. Soc. London 140A, 440 (1933). 

(43) Wynne-Jones, W. F. K.: Chem. Rev. 17, 119 (1935). 




HALOGENATED HYDROCARBON SOLVENTS 

PETER J. WIEZEVICH and HANS G. VESTEHDAL 
Research Division, Standard Oil Development Co., Linden, New Jersey 

Received July 16, 19S6 

Halogenated hydrocarbons, especially the chlorinated derivatives, have 
been finding extensive use in degreasing, dewaxing, dry cleaning, extrac- 
tion, and similar operations. A number of patents have been issued on 
uses in these fields. For instance, Farrington (36) has covered non-in- 
flammable mixtures of petroleum naphthas with carbon tetrachloride as 
cleaning fluids. Another patent (60) deals with cleaning fluids containing 
less than 37.5 to 40.5 per cent of ethylene dichloride and more than 59.8 
to 62.5 per cent of carbon tetrachloride. Other dry-cleaning fluids cov- 
ered are aliphatic saturated unsymmetrical polychloro substitution prod- 
ucts (67), a mixture (14) containing 1 per cent of tctrachloroethane, 3 to 5 
per cent of dichloroethyl ether, 6 to 4 per cent of carbon tetrachloride, and 
90 per cent of Stoddard solvent, and a mixture (71) containing 4 per cent 
of tertiary-amyl alcohol, 16 per cent of ligroin, and 80 per cent of carbon 
tetrachloride. An interesting patent (68) describes a non-inflammable 
solvent mixture comprising a non-inflammable solvent and an inflammable 
substance of the same volatility as the non-inflammable solvent, so that 
no appreciable fractionation occurs when the solvent is evaporated. A 
paint and varnish remover has been described which contains a mixture of 
solvents including a volatile inflammable solvent and a volatile non-in- 
flammable solvent, composed of trichloroethylene, the proportion of 
trichloroethylene being sufficient to suppress the inflammability of the 
former so that the composition does not ignite, together with some wax. 

Dry-cleaning fluids containing 0.1 to 3 per cent of a “lusterizing’* agent 
such as chlorinated naphthalene in chlorinated solvents have been dis- 
closed (67a). Another cleaning solvent contains a naphtha of 290-325°F. 
boiling range with acetylene tetrachloride to yield a non-inflammable com- 
position (68b). A mixture of naphtha having a boiling range of 160-230®F . 
with 60 to 65 parts of carbon tetrachloride also has been recently proposed 
(68a). Still another cleaning solvent comprises 10 to 20 per cent of a 
petroleum distillate boiling at 70-134®C., 20 to 88 per cent of carbon tetra- 
chloride, and 2 to 70 per cent of tetrachloroethylene (26a). This mixture 
is claimed to be non-explosive in all boiling ranges. 
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In one patent (66a) a flame-resistant solvent is produced by intensively 
chlorinating a mixture of gaseous hydrocarbons, removing a fraction boil- 
ing at 60-310°F., and blending it with 5 to 60 per cent of a petroleum frac- 
tion having distillation characteristics similar to that of the selected frac- 
tion. 


PREPARATION 

A large number of methods are available for the preparation of halo- 
genated solvents. At the present time chlorinated hydrocarbons appear 
to have the greatest commercial significance, and most of the literature 
deals with these derivatives. Carbon tetrachloride is generally prepared 
by the interaction of carbon disulfide with sulfur dichloride (1, 38) in the 
presence of iron, while chloroform is obtained by treating carbon tetra- 
chloride with steam in the presence of iron. This is peculiar in view of the 
fact that cheap methane is available and that all of its chlorine derivatives 
can be separated by fractionation. Very likely the reason is that the 
present process does not involve much loss of chlorine as hydrogen chloride. 
A number of patents have been issued covering improved methods of direct 
chlorination of saturated hydrocarbons (24, 25, 32, 41, 42, 56). Possibly 
some commercial processes will be developed wherein the hydrogen chlo- 
ride may be utilized in other syntheses. Methylene chloride has been 
prepared by the chlorination of methyl chloride (43). 

Pilot ochemical chlorination of methane is reported to give up to 29 per 
cent of chlorine going to methyl chloride (80 per cent of the total chlorine 
being utilized), the methane to chlorine ratio varying from 15:1 to 19:1. 
The energy utilization, however, is low (57a). The removal of chlorinated 
products, followed by recycling of unreacted hydrocarbons, has likewise 
been disclosed in the literature (43a). Continuous removal of hydrogen 
chloride is provided for where the substance is detrimental (42a). In 
another modification, the chlorinated products are removed and the re- 
mainder mixed with fresh feed and chlorinated (44a). The hydrogen 
chloride from the reaction products may also be treated directly with 
methanol in the presence of a catalyst to produce methyl chloride (41a). 

The two-carbon atom derivatives are mostly derived commercially from 
ethylene and acetylene. According to Curme (23), the best way of pre- 
paring ethylene dichloride is to react the liquid chlorine and ethylene at 
the vapor pressure of chlorine. It is also obtained as a by-product in the 
production of ethylene glycol. Other methods for producing this product 
have also been reported (11, 35, 39, 53, 54, 69). According to Maier (53) 
the chlorination of ethylene at 26®C. produces 70 per cent of trichloroethane, 
15 per cent of ethylene dichloride, 5 per cent of tetrachloroethane, and 10 
per cent of higher chlorinated products. Ethylene reacts readily with 
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hydrogen chloride to produce ethyl chloride (12, 54, 59, 70, 72, 73, 74). 
This product may be further chlorinated. The treatment of alcohol with 
hydrogen chloride will also produce ethyl chloride (44). 

Acetylene is a valuable raw material for the preparation of chloro deriva- 
tives. By chlorination it is converted to tetrachloroethane (54), which 
yields ST/mnlichloroethylene on treatment with iron or zinc, or trichloro- 
ethylene on treatment with slaked lime (7, 64). The chlorination of tri- 
chloroethylene gives pentachloroethane, which on treatment with slaked 
lime gives perchloroethylene. Trichloroethane may also be prepared by 
the chlorination of vinyl chloride (45, 48) or by chlorinating acetylene in 
the presence of hydrogen chloride (46). In the latter case a 90 to 98 per 
cent yield of product is obtained having the following composition; 10 to 
15 per cent of dichloroethylene, 60 to 70 per cent of trichloroethane, 10 to 
25 per cent of acetylene tetrachloride, 0 to 5 per cent of higher products. 
Dichloroethylene may also be prepared by direct chlorination of acetylene 
(47, 57), and by treating acetylene with tetrachloroethane in the presence 
of a hydrogenation catalyst at 350®C. (19a). Ethylidene chloride has been 
produced by treating vinyl chloride with hydrogen chloride (26). 

In one patent (27a) chlorine is reacted with a saturated aliphatic hydro- 
carbon of three to five carbon atoms to form a mixture of saturated chloro- 
hydrocarbons, hydrogen chloride, and olefins. The latter two products are 
then reacted at a temperature below 200®C. The formation of dichloro- 
ethylene derivatives is claimed when chlorine is reacted with a mixture of 
trichloro- and tetrachloro-propanes and -butanes (70a). Cracked gases 
have been likewise chlorinated in two stages (23d), the more reactive hydro- 
carbons (unsaturates) being reacted in the first stage. Substitution of 
halogen in paraffin hydrocarbons, and addition of halogen to olefins has 
been effected simultaneously in a mixture of hydrocarbons by the action 
of free halogen in the absence of oxygen in the dark at below 100°C. (64a). 

Isopropyl chloride (16, 17), n-propyl chloride (50), propylene dichloride 
(30), butyl chlorides, (22, 61), and chlorinated acid extract (34) have also 
been prepared as raw materials for this purpose. Commercial chlorination 
of pentanes (9, 10, 20) has made available a large supply of monochloro 
derivatives and by-product dicb!orop)entanes. According to some investi- 
gators (72a), chlorination of pentane, hexane, and heptane (unlike the case 
of aromatics) is not accelerated by antimony pentachloride. 

Cyclic chlorinated hydrocarbons are used as solvents to a certain extent 
in industry. Direct chlorination is usually resorted to in the presence of 
catalysts, such as in presence of a copper catalyst at 300°C. (49, 59a), in 
the vapor phase at high temperature with aluminum, copper, iron, and 
cerium (55a, 72b), also with sulfur, antimony cldoride, and lead (28a). 
Monochloro aromatic hydrocarbons have also been lurther chlorinated to 
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(a) B.P. 176-212®F. K.B. value =• 57.9. Chlorinated to 20 per cent Cl at 185®F. 

(b) Contains about 67 per cent pentanes and pentenes, 26 per cent hexanes and 
hexenes, and 7 per cent boiling in heptane range, total unsaturates being about 35 
per cent. Chlorinated to 38.5 per cent (sp. gr. 1.090). 

(c) For combined fractions 272-374 ®F, 

(d) For conibined fractions 375-450®F. 

(e) Same as (b) treated with 20 per cent by volume of concentrated sulfuric acid. 

(f) “Yes” in burning test means that sample will flash when lighted match is 
passed over surface on glass plate. 

(g) Mixture of commercial amyl monochlorides. Chlorinated at 180®F. for 4j^ 
hours in glass to 0.8715-0.9835 sp. gr. 

(h) B.P. 340-430®F. Chlorinated at 60-70°F. to 39 per cent Cl. 

(i) At 2 mm. 

(j) Ten cc. refluxed with 25 cc. water for 2 hrs. and titrated with 0.1 N caustic. 
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produce higher boiling products (32a, 71a). In the preparation of chloro- 
toluene, it has been pointed out (48a) that direct chlorination at 260“^00®C. 
without catalysts results in substitution entirely in the side chain, whereas 
catalysts direct the reaction towards nuclear chlorination. 

Experimental data on the chlorination of various petroleum products 
are presented in table 1. In order to obtain the best yields, it has been 
found desirable to chlorinate in glass vessels in the absence of iron with 
good dispersion of the chlorine and hydrocarbon. A reflux condenser may 
be attached to avoid evaporation of the lighter fractions. Very good 
yields of the lower boiling chlorides were obtained, especially in view of the 
fact that the low-boiling inflammable fractions may be rechlorinated 
without difficulty. In the case of sulfur dioxide extract, the presence of 
the heavier fraction produced considerable coking, so that only the light 
fraction (50 per cent) was found to give satisfactory results. 

The lower boiling gasoline polychlorides are satisfactory for certain 
types of outside paints and preparations where non-ignitability is of prime 
importance. They also have possibilities in dewaxing and other uses. 

With recent advances in chlorination technique (21, 51, 65) there is a 
possibility of impro ving the stability of chlorinated higher hydrocarbons by 
selective direction of the chlorine with special solvents, peroxides, etc. 

Fluorinated hydrocarbons (13) and similar aliphatic products have also 
been described (3, 4, 5, 8, 15, 18, 31, 37, 38a, 52, 58). They are generally 
prepared by reacting a chlorinated hydrocarbon with antimony trifluoride, 
such as by the reaction: 

3CC14 + 2SbF3 = 3 CCI 2 F 2 + 2SbCl3 


SOLVENCY 

The solvent power of most paint and varnish solvents is expressed as 
per cent of benzene (benzol) solvency by the kauri butanol test (2, 11a). 
This test, of course, determines the solvent action on gum kauri, and al- 
though it has proved to be a good indicator for general purposes, its merit 
may not be as great in the dry-cleaning and other industries. 

GeT.erally, it may be stated that halogcnation iniproves the kauri butanol 
value of hydrocarbons, although there appears to be an exception in the 
case of fluoro aromatics. The effect of halogenation on aromatic hydro- 
carbons is shown by the following data: 


Compound 


K. B. solvent power 
per cent 


Benzene 100.0 

Bromobenzene 128.8 

Chlorobenzene 115.2 

Fluorobenzene 93.0 
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Chlorination of aromatics and their homologs raises the kauri butanol 
solvent power, but not to as high an extent as in the case of the aliphatics. 
Some results obtained are as follows: 


Compound 

Benzene 

Chlorobenzene. . 

Toluene 

o-Chlorotoluene 


K. B. advent power 
per cent 

100.0 

115.2 

03.8 

108.8 


In the case of the saturated aliphatic hydrocarbons having two to eight 
carbon atoms per molecule, the effect of chlorination seems to be fairly 
definite (within a few kauri numbers) and might be given as follows: 


No. of Cl atoma per molecule 

0 

1 

2 

3 


K. B. solvent power 
per cent 

25 

60 

82 

100 (approx.) 


Methane, however, is an exception. In this case chlorination raises 
the solvency markedly, until all of the hydrogen is replaced with chlorine, 
when a sudden drop in solvency results: 


Compound 

Dichloromethane . . . . 

Chloroform 

Carbon tetrachloride 

As shown in table 1, non-inflammable chlorinated petroleum hydrocar- 
bons of 76 kauri butanol solvent power may be prepared in high yields. 
It has been found that refluxing with caustic generally improves the kauri 
butanol solvent power (probably owing to the formation of hydroxyl 
groups), while ordinary steam distillation has a tendency to decrease the 
kauri butanol value somewhat, possibly because of dechlorination. 


K. B. advent povoer 
per cent 

116.0 

156.7 

92.1 


STABILITY 

For many purposes, e.g., preparation of metal paints, dry-cleaning sol- 
vents, etc., it is essential that the solvent employed should not produce 
excessive acidity. On the other hand, in many uses, notably in the out- 
side paint industry, this element is not of such marked importance, since 
the small amount of acidity produced would not be very injurious to the 
concrete, wood, brick, and other substantially inert material coated, pro- 
vided the proper containers are used. 

The test for instability employed herein consists in refluxing 10 cc. of 
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the solvent with 25 cc. of water for 2 hours, and titrating the free acidity 
with 0.1 iSr caustic. Although it is not exactly comparative, it is suffi- 
ciently satisfactory to give a good indication of the relative instability of 
the product in the presence of water. Iron generally greatly accelerates 
the decomposition of moist chlorinated products, while oil tends to decrease 
it in most cases. 

As a general rule, the bromides are less stable than the chlorides, while 
the fluorides are considered more stable. 

The tests reported in table 2 indicate that the chlorine attached to a 
primary aliphatic carbon atom is much more stable than that on the 
secondary, which is in turn more stable than that on the tertiary. That is 
why the methyl and ethyl derivatives, such as carbon tetrachloride and 
ethylene dichloride, are relatively so much more stable than other aliphatic 
chloro derivatives. The tendency in ordinary chlorination is to form the 
least stable chloride if the groups are available. In the case of the higher 
homologs, adjacent chlorine atoms, such as those produced by the usual 
chlorination of unsaturates, produces a very unstable molecule which tends 
to split off hydrogen chloride to give a more stable unsaturated derivative. 
The reaction may be carried out by steam distillation of the compound. 
Refluxing with caustic often effects this, although the usual tendency is to 
produce a hydroxyl group. Propylene chloride possesses a high degree of 
stability in spite of the presence of a secondary carbon atom. 

In the case of carbon tetrachloride it must be remembered that, in the 
presence of iron, iron oxide is deposited according to the reaction: 

2 CCI 4 + 2Fc + H 2 O = 2 CHCI 3 + FeCb + FeO 

This is in addition to the true hydrolysis, which is apparently the main 
reaction undergone by most of the higher homologs: 

C 2 H 4 CI 2 + 2 H 2 O = C2H4(0H)2 + 2HC1 

The rate of hydrolysis appears to increase for these compounds in the 
following order: trichloroethylene, carbon tetrachloride, ethylene di- 
chlonde. 

According to Dickinson and Leermakers (23b), photooxidation of tetra- 
chloroethylene in carbon tetrachloride is strongly inhibited by oxygen. In 
the presence of both chlorine and oxygen, photosensitized oxidation to 
trichloroacetyl chloride, and to some extent to phosgene, occurs. 

The chlorinated aromatics, i.e., those which have the chlorine attached 
directly to the nucleus, are considered to be very stable compounds, while 
the naphthenic chlorides appear to be exceptionally unstable. 

A large number of proposals have been made fo** inhibiting the decom- 



(a) At 12.6V40°C. (b) Mixture of isomers b.ps. 48°C. and WC. (c) At 15V40°C. (d) Dissolves 1 per cent sulfur, (e) Commercial mixture of isomers, (f) From chlorination of acid-treated 

stabilizer bottoms, (g) From chlorination of hydrogenated solvent b.p. 176-212“F. (h) Burns with difficulty, (i) At 2 mm. (j) At leVlS^C. (k) Gasoline = 2.3; carbon disulfide - 24.3. (1) At 

14 ®C. (m) At 25°C. (n) Gasoline - 25; 176-212“F. hydro solvent - 58; benzene - 100. (p) At (q) Will not burn even on boiling in open crucible, (r) AtO“C. (s) Sublimes, (t) At 54°/ 
4°C. (u) 85 to 90 per cent of 1,2, 4- and 10 to 15 per cent of 1,2,3-trichlorobenzene, (v) Inflammability limits 9.7 to 12.8 per cent, (w) Inflammability limits 3 to 14 per cent, (x) Ten cc. refluxed 
with 25 cc. of water for 2 hrs. and titrated with 0.1 N caustic. 


Methyl chloride 

Dichloromethane (methylene dichloride) 

Chloroform 

Carbon tetrachloride 

Ethyl chloride 

Dichloroethylene 

Dichlorocthylene 

Dichloroethylene** 

Ethylene dichloride (dichloroethane) 

Ethylidene chloride 

Chlorasol 

Ethylene dibromide 

Trichloroethylene 

Trichloroethane (beta) 

Triasol 

Tetrachloroethane (aj/w)'* 

Tetrachloroethyleiie 

Perchloroethylene 

Pentachloroethane 

Hexachloroethane 

n-Propyl chloride 

Propylene dichloride 

n-Butyl chloride 

acc-Butyl chloride 

terf-Butyl chloride 

n-Butylidenc chloride 

sec-Amyl chloride 

lerf-Amyl chloride 

Amyl dichlorides" 

Amyl dichloridcs' 

Amyl trichlorides® 

Amyl trichlorides' 

Chlorinated hydrocarbon' 

Chlorinated hydrocarbon* 

scc-Hexyl chloride 

Cyclohexyl chloride 

Chlorinated SO* extract 

Chlorobenzene (mono) 

o-Dichlorobenzene 

p-Dichlorobenzene 

Trichlorobenzene" 

o-Chlorotoluene 

Bromobenzene 

Fluorobenzene 

COMPOUND 

OOOOnOO OG GQOOOOQ'SQOOQGOGOO QQQ OGOGOOO 

BsWoBhBJJCK BhBs Bs 33 K M W K 3h tc ® w 2 s Q G ® ^^mGWWW 

^aS3gboQ 9 Qbbbb S Q § 9 c 

o“ “ “ — “ “ s-s -G ^ ooQoo GG“ GG 

? •: Pr gGa 

baa G 

.i" 2 1 

1 

t 

*c. 

-23.7 

39.8 
61.2 

76.0 
12.5 
48.4 
60.3 

55.0 

83.7 
58-60 
77-83 

131 

86.7 

113.5 
82 

146.3 
118-122 

120.8 

159.0 
185" 

46.5 

95.9 
78 

68 

51 

105 

85.7 

142.5 

131.7 

180.3 

173.0 
213-217 

159.2 

155.9 

84.6 

i 

; 


'F. 

-10.7 

103.5 

142.2 
168.8 

54.5 

119.1 

140.5 

131.0 
182.7 

171-182 

265 

188.0 

236. 3 

180 

295.3 

244.4- 251.6 

249.5 

318.2 
365" 

115.5 

204.6 

173 

154 

124 

221 

186 

270-320 

275-320 

320-375 

320-375 

375-^50 

288.5 

300-350' 

269 

357 

343.4 

415.4- 423.6 
319 

312 

184 

‘F. 

-143.7 

-143.0 

-81.7 

-9.4 

-217.7 

-58 

-112.9 

-112.9 

-31.5 

47 

-126.4 

-34.1 

-46.8 

-8.3 

-8.3 

-7.6 

83.5 

-189 

<-112 

-190 

.0 

-99 

-49.4 

2 

46.4-51.8 

-33 

-23 

-39 

FRBKZXNQ 

POINT 

'S w * fiiiliiii 

31 


8.34P 

11.13 

12.52 

13.28 

7.69^ 

10.49 

10.70 

10.7 

10.49 

11.2 

12.25 

12.04 
11.1 
13.19 

13.4 
13.4 

14.1 

12.2 

9.2 

12.0 



°F. 

None 

57 

68** 

None 

None 

84 

None 

None 

None 

None 

70 

84.4 

152 

|! 

116.0 

156.7 

92.1 

82.1 

105.6 

105.6 

123.9 

67.1 

86.3 

57.8 

60.3 

62.4 
57.6 
82.0 

73.9 

77.4 

57.9 

115.2 

115.5 

108.8 
128.8 

93.0 

5 H ► s 

2.2 

1,0 

1.7 

1.7 

9.1 

1 .6 

6.2 

m 

4.7 

99 

3.5 

5 

6 

2000 

266 

630 

496 

430 

206 

2000 

2 

Dis- 

tilled 


65 

565 

460 

423 

520 

385 


cubic foot 

0.154 

0.224 

0.315 

0.408 

0.172 

0.230 

0.221 

0.241 

0.211 

0.347 

0.263 

0.443 

0.438 

0.535 

0.393 

0.232 

0.317 



B.T.U. 
■per lb. 

184.3 

135.5 

106.4 
83.7 

167.3 

132.6 

131.3 

127.8 
139.2 

104.5 

123.6 

99.11 

90.3 

93.0 

78.5 

83.5 

142 

139.8 

U 

1? 

is 

0.382 

0.289 (15-40°C.) 
0.254 

0.203 (25°C.) 
0.172 

0.270 

0.270 

0.270 

0.301 

0.233 (18°C.) 
0.266 

0.269 

0,21 

0.216 

0.266 

0.174 

0.31 

0.31 

0.30 

SPECIFIC BEAT 
(liquid) at 20’C. 

Moderate 

Non" 

Non 

Non* 

Flammable 

Moderate 

Moderate 

Moderate 

Moderate" 

Non 

Non 

Non 

Non 

Non 

Non 

Non 

Moderate 

Flammable 

Moderate 

P 

B 

B 

► 

l 


TABtEl 2 

Data on kalogenated hydrocarbon aoloenta 



110 


PETER J. WIEZEVICH AND HANS G. VESTERDAL 


position of chlorinated hydrocarbons. Most of the methods involve the 
addition of basic or unstable materials such as amines (6, 23c), gums (27), 
dyes (28), hydrocarbons (29, 62), etc., but they generally involve the neu- 
tralization or addition of the liberated hydrochloric acid rather than a true 
inhibition of the decomposition. Carlisle and Levine (19) state that tri- 
chloroethylene will not decompose in the light unless oxygen is present and 
recommend the addition of small amounts of anti-oxidants. However, in 
many cases, as in the dry-cleaning industry, the solvents must be recovered 
by distillation, involving the loss of inhibitor which is generally much 
higher boiling. The decomposition of methylene chloride was reported to 
be effected to a great extent by the amount of water present (19). 

TABLE 3 

Ignitahle concentrations of mixed solvents 


PBR CBNT A WHSN MIXTURB 


A 

B 

Flashes 

and 

burns 

Burns 

only 

Ignites 

imme- 

diately 

Will 

not 

ignite 

imme- 

diately 

Acetylene tetrachloride 

Ethyl acetate 

20-40 

50 

60 

70 

Acetylene tetrachloride 

Isopropyl alcohol 

30 

40-50 

60 

65 

Carbon tetrachloride 

Isopropyl alcohol 



20 

30 

Carbon tetrachloride 

hJthylene dichloride 




25 

Carbon tetrachloride 

Ethyl acetate 

30 


40 

50 

Carbon tetrachloride 

Benzene 




70 

Carbon tetrachloride 

Gasoline 




65 

Methylene chloride 

Ethylene dichloride 




40 

Trichloroethylene 

Benzene 




67 

Trichloroethylene 

Stoddard solvent 




50 

Trichloroethylene 

Ethylene dichloride 




65 


It seems that the problem might be somewhat simplified if the more 
stable fluorides were made available at a low price. This, of course, 
applies only for cases requiring exceptionally stable solvents. Even in the 
case of these solvents, corrosion of copper and other metals has been 
encountered in “long-life^’ equipment such as refrigerator systems, al- 
though this is claimed to be minimized by the use of white oil and other 
special lubricants. 

INFLAMMABILITY 

For ordinary purposes, chlorinated solvents should be satisfactory if they 
do not ignite at room temperatures when momentarily exposed in thin films 
to flames. However, in many cases it is necessary to employ materials 
which will not ignite at elevated temperatures, and in such cases highly 
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TABLE 4 

Flash points of mixed solvents 


A 

PBR CBNT 

B 

PBR CBlfT 

OXXOXMAL 


A 

B 

PLASH POINT 

Trichloroethylene 

80 

Naphtha (72®) 

20 

•F. 

180 

Trichloroethylene 

75 

Benzine 

25 

180 

Trichloroethylene 

50 

Kerosene 

50 

90 

Trichloroethylene 

67 

Benzene (benzol) 

33 

187-90 



Turpentine 

100 

120 

Trichloroethylene 

75-83 

Turpentine 

17-25 

192-5 

Trichloroethylene 

50 

Stoddard solvent 

50 

None at 202 

Trichloroethylene 

75 

Acetone 

25 

Below 34 

Trichloroethylene 

05 

Acetone 

5 

70 

Trichloroethylene 

90 

Acetone 

10 

45 

Trichloroethylene 

95 

Isopropyl alcohol 

5 

75 

Trichloroethy lene 

90 

Isopropyl alcohol 

10 

65 

Trichloroethylene 

95 

«€c-Butyl alcohol 

5 j 

105 

Trichloroethylene 

90 

sec-Butyl alcohol 

10 

95 

Trichloroethylene 

95 

<er^-Butyl alcohol 

5 

80 

Trichloroethylene 

90 

tert-Buty\ alcohol 

10 1 

70 

Trichloroethy len« 

100 


i 

None 

Ethylene dichloride 

100 



Below 60 

Ethylene dichloridc 

90 

Chloroform 

10 ! 

65 

Ethylene dichloride 

70 

Chloroform 

30 

90 

Ethylene dichloride 

60 

Chloroform 

40 

None 

Ethylene dichloride 

90 

Carbon tetrachloride 

10 

70 

Ethylene dichloride 

80 

Carbon tetrachloride 

20 

80 

Ethylene dichloride 

70 

Carbon tetrachloride 

30 

None 

Ethylene dichloride 

90 

Trichloroethylene 

10 

55 

Ethylene dichloride 

60 

Trichloroethylene 

40 

65 

Ethylene dichloride 

40 

Trichloroethylene 

60 

95 

Ethylene dichloridc 

80 

Methylene 'chloride 

20 

60 

Ethylene dichloride 

65 

Methylene chloride 

35 

70 

Ethylene dichloride 

60 

Methylene chloride 

40 

None 

Dichloroethylene 

100 



50 

Chloroform 

100 



None 

Carbon tetrachloride 

100 



None 

Carbon tetrachloride 

60 

Acetone 

40 

Below 32 

Carbon tetrachloride 

70 

Acetone 

30 

Below 32 

Carbon tetrachloride 

80 

Acetone 

20 

57 

Carbon tetrachloride 

20 

Toluene 

80 " 

57 

Carbon tetrachloride 

30 

Toluene 

70 

74 

Carbon tetrachloride 

40 

Toluene 

60 

Above 86 


chlorinated products are required. This, of course, is not the only factor, 
since vapor pressure (boiling point), thermal stability, and other factors 
also enter. For instance, Ellis (33) has shown that solid chlorinated de- 
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rivatives dissolved even in large quantities in inflammable solvents will not 
appreciably reduce the inflammability of the latter. 

In the case of the aliphatics, the amount of chlorine necessary to give a 
non-flashing product at ordinary temperature decreases with increase in 
boiling point. A rough approximation of the minimum requirement for 


TABI.E 5 

Toxicity of chlorinated hydrocarbons 


CHLOBINATBD HYDROCARBON 

FORMULA 

RELATIVlfl 

TOXICITY 

(CCI 4 » 1) 

Carbon tetrachloride 

CCI 4 

1.0 

Perchloroethylene 

Trichloroethylene 

C 2 CI 4 

C 2 HCI 3 

1.6 

1.7 

Dichloroethylene 

C 2 II 2 CI 2 

1.7 

Chloroform 

CHOU 

2.2 

Pentachloroethane 

C 2 HCI 5 

6.2 

Tetrachloroethane 

C2ll2Cl4 

9.1 


TABLE 6 

Toxicity of chlorinated hydrocarbons 


CHLORINATBD HYDROCARBON 

FORMULA 

RELATIVE 

TOXICITY 

Ethyl chloride 

C 2 ILCI 

1.0 

Carbon tetrachloride 

GCI 4 

3.0 

Trichlorocthane 

CH 3 CCI., 

3.5 

Ethylidene dichloride 

CHsCHCL 

4.3 

Dichloromethane 

CH 2 CI 2 

4.3 

Trichloroethylene 

CHCLCCl. 

5.6 

Dichloroethylene 

CHChCHCl 

6 0 

Chloroform 

CIICl, j 

7.0 

Dichloroethane 

CH 2 CICH 2 CI 

8.0 

Tetrachloroethylene 

CCl2:CCl2 

9.3 

/3-Trichloroethane 

CH 2 CICHCI 2 

14.0 

Tetrachloroethane (sym) 

CIICL- CHCI 2 

16.0 

Pentachloroethane 

CHCI 2 CCI 3 

18.7 


non-inflammability at ordinary temperatures may be obtained from the 
following table: 


Series chlorinated 

Methane. . 

Ethane 

Pentane. . . 


Per cent chlorine which must 
be substantially exceeded 
to 'prevent flashing 

90 

70 

53 
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Fig. 1. Properties of fluoro-chlorinated hydrocarbons. 0 =« CHs; 1 « CHjF; 
2 « CHFa; 3 = CF,; 4 - CHaCl; 5 * CHCl,; 6 » CCl,; 7 - CHCIF; 8 = CCIF,; 
9 - CClaF. 
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Table 3 lists the ignitable concentrations of mixed solvents, while table 
4 gives the flash points of such mixtures. It must be borne in mind that 
the inflammability of a mixture may vary with the amount and rate of sol- 
vent evaporated, depending on the vapor pressures of the components and 
other factors (66, 68). 

Because of their higher boiling points, the butyl and amyl polychlorides 
offer possibilities in the solvent field, especially since a lower amount of 
chlorine is necessary to produce non-inflammable properties. Where high 
stability is not required, they should be available at a cheap price. 

TOXICITY 

One important property of these materials is toxicity. There does not 
seem to be any definite correlation between structure and toxicity, the 
relative toxicities being given by Henderson and Haggard as shown in 
table 5 (40). This relationship is somewhat modified by Lazarew (52a), 
who gives the values shown in table 6. 

The fluorinated compounds possess the advantage of physiological inert- 
ness, which should make them well fitted for solvent uses from this view- 
point. 

Figure 1, taken from U. S. patent 1,968,050 (55), illustrates the relative 
toxicity of chlorides and fluorides in two-carbon atom molecules. The base 
linq indicates the number of atoms of halogen per molecule. By means of 
the key given, it is possible to locate the effect of the various substituents. 
For instance, compound 0.1 is CH3CH2F, compound 2.9 is CHF2CCI2F, and 
compound 2.2 is CHF2CHF2. The dashed lines indicate fluorine substitu- 
tions, and the solid lines indicate chlorine substitutions. It will be seen 
that the substitution of fluorine for chlorine greatly reduces the toxicity 
and also reduces the boiling point. 

The aromatic chlorinated derivatives are generally considered quite toxic. 
These might also be improved by fluorination. 
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I. ORIGIN 

Many theories have been advanced concerning the origin and methods of 
formation of petroleum and the naturally occurring asphaltic bitumens. 
The reader who is interested in the history and complete discussions of the 
various theories is referred to the works of Brannt (17), Peckham (75), and 
Redwood (82), with their numerous references to original sources. Red- 
wood reviews very completely the inorganic, the terrestrial (plant) organic, 
and the marine organic theories concerning the origin of petroleum and 
related materials. He also summarizes very clearly the Engler-H5fer dual 
origin theory. Peckham expresses the opinion that asphaltic base oils are 
of animal origin, whereas paraffinic petroleums are derived from plant life. 

One of the first papers concerning the inorganic origin of bitumen was 
written by the famous French chemist Berthclot in 1866. Mcndeldeff in 
Russia was also an advocate of its inorganic origin and belie \ ed that simple 
hydrocarbons were formed by the action of water on metallic carbides. 
Later the simple gaseous hydrocarbons condensed and polymerized to form 
petroleum, which in turn probably was the forerunner of the naturally 
occurring bitumens. Both of these men argued that petroleum could not 
be of organic origin because carbon was not found associated with it. 

Coquand advocated the theory that bitumen^^ were formed by the con- 
densation of marsh gas, while Hunt, Orton, and Lesley held the \ iew that 
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bitumen is indigenous to the strata in which it is found. Maberry (60) 
believed in its organic origin and thought that the decomposition had taken 
place in sitUf whereas Newberry, Peckham, and others argued that bitu- 
men is a product of distillation and secondary decomposition of organic 
material. 

Modern knowledge (19) concerning the nature of the hydrocarbons found 
in petroleum and the geological conditions (e.g., low temperatures) under 
which they are found are decidedly in favor of the organic origin. Some 
investigators ascribe the large number of different hydrocarbon compounds 
found in petroleum and asphalt to the anaerobic degradation of organic 
materials, both plant and animal, buried under heavy layers of sediment. 
Macfarlane (51) believes that fish were the chief source of material from 
which these complex hydrocarbons were derived, while others (40) consider 
that many types of animal and plant life, such as mollusks, diatoms, algae, 
protozoa, etc., may have been the original source. Treibs (112) discussed 
the probability of the production of petroleum from materials containing 
chlorophyll, and the experiments of Zelinskii and Koslov (123) indicated 
phytosterol and abietic acid as the possible sources of the optically active 
constituents. Also, humus acids and associated organic compounds have 
been considered (80) as the intermediate products between complex plant 
compounds and petroleum hydrocarbons. 

Certain experiments (102) point to the possible formation of asphalt by 
the action of microorganisms on crude petroleum, while others (64) indicate 
that asphalt-like materials may be obtained by heating a mixture of gelatin 
and casein with hydrogen under pressure in the presence of calcium car- 
bonate and magnesium carbonate. Hackford (39) studied the conversion 
of algae into bitumen by acid hydrolysis, and Friedman (33) concluded that 
asphaltic compounds were formed by reactions between olefins and sulfur. 
Similar products were not obtained when paraffin hydrocarbons were used. 
Chemozhukov (21) decided that the high molecular weight compounds 
(asphaltenes) in asphaltic bitumen are formed from petroleum by sulfur 
compounds of unknown composition. At high temperatures the radicals 
CHs, CH 2 , and CH may be stable (58), but on cooling they polymerize to 
form the hydrocarbons found in asphalt. The conditions under which 
the polymerization and condensation of petroleum to asphalt may take 
place have been discussed by Zalogiechi and Zielenski (122). 

Richardson (86, 87) proposed the theory that the bitumen in Trinidad 
native lake asphalt was produced from petroleum by the surface action of 
colloidal clay. He further believed that the petroleum was produced from 
gaseous hydrocarbons by the catalytic action of the mineral bodies with 
which they came in contact. Tycinin (113) held essentially the same 
theory. He believed that, as petroleum rises to the surface of the earth, 
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certain constituents are coagulated by the sunlight and then deposited on 
soil particles. The more volatile portions of the oil are evaporated, and 
the heavier, less volatile compounds remain associated with the coagulated 
asphalt. 

Vanadium (72, 70, 49) is frequently a constituent of the ash from asphal- 
tic bitumens. Its occurrence leads to the belief (15) that the catalytic 
action of this metal may have had a prominent part in the formation of the 
hard asphalts from softer hydrocarbons. 

II. NATUFtE OP THE HYDROCARBONS PRESENT 

Although a large amount of work has been done to obtain data concern- 
ing the chemical constitution of petroleum hydrocarbons, very little infor- 
mation is available concerning the nature of the numerous complex 
compounds present in asphaltic bitumen. Richardson (85) mentions the 
series of polymethylenes which, when first found in Russian petroleum, 
were given the generic name of naphthenes. These compounds are not 


TABLE 1 

Molecular weights of bitumens 


SOtJRCll OF BITUMKN 

MOLDCXTLAR 

WBIQHT 

Trinidad lake asphalt 

1132 

Bermudez lake asphalt 

620 

Gilsonite 

4252 



as stable as paraflSnic hydrocarbons and yet are not acted upon by sulfuric 
acid. By substitution of various hydrocarbon radicals for hydrogen, the 
polymethylenes may become very complex. Comparisons of synthetic 
polycyclic polymethylenes from California and Louisiana petroleum and 
from Trinidad lake asphalt have led to the conclusion that the asphaltic 
compounds of low boiling point may be bicyclic or bridge compounds, 
while those of high boiling point are polycyclic hydrocarbons. 

Relatively small amounts of substituted hydrocarbons of the aromatic 
series may be found in the more volatile fractions of asphalt-base petro- 
leums. 

Strieter (101) dissolved asphaltic bitumen in benzene and determined the 
molecular weight by the lowering of the freezing point. Table 1 gives the 
values he obtained for three naturally occurring bitumens. 

Katz (45), in a study of the effect of air-blowing on the chemical com- 
position of a series of Alberta bitumens, found molecular weights for 
fractions of the original bitumen which ranged from about 750 to 2200. 
Treatment with air, which he believed caused condensation followed by 
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polymerization, resulted in increases in molecular weights up to almost 
4700. 

If the data of Stricter and Katz are taken as even approximate criteria, 
the compounds composing asphaltic bitumens must be very complex. The 
presence in asphalts of compounds containing sulfur, nitrogen, and occa- 
sionally oxygen makes even more difficult any attempt to separate and 
isolate individual compounds. 

The saponification of mixtures of asphalt and drying oils was studied by 
Demarest and Rieman (25), using a potentiometric method. Previously 
Paillar (73) had developed titration methods for determining both the acid 
and saponification values for asphalts. Poll (78) investigated the deter- 
mination of the iodine number of native and oil asphalts and discussed the 
value of the number in determining the constitution of bitumen. 

III. ACTION OF ORGANIC SOLVENTS 

Fractional solution and precipitation by means of organic solvents has 
been used extensively in the analysis and testing of asphaltic bitumens. 
By this means the type and source of the asphalt frequently may be deter- 
mined. Also the presence of added material, which may detract from the 
practical value of the original asphalt, may often be detected by the judi- 
cious use of partial solvents. 

Although carbon disulfide and chloroform are two of the best solvents 
for asphaltic bitumens, Abraham (1) points out that caution should be 
exercised in using 100 per cent solubility in these liquids as a definition for 
bitumen. 

Richardson and Forrest (84) found that bitumen, which was completely 
soluble in carbon disulfide, upon being treated with carbon tetrachloride 
frequently gave a residue or precipitate. These substances, insoluble in 
carbon tetrachloride but soluble in carbon disulfide, they called ‘^carbenes.” 
If the carbon tetrachloride solution of bitumen was permitted to stand for 
some time in a glass container exposed to sunlight the carbenes were in- 
creasea in amount (3, 54). That the reaction producing these increased 
amounts of carbenes is a photochemical one is indicated by the fact that 
hydrogen chloride is formed and may be detected in the air above the solu- 
tion. Further, light of short wave length is more effective in producing 
increased precipitation than is that of longer wave length. No increase in 
amount of precipitate will occur over a considerable length of time in the 
dark. 

Light petroleum naphtha (86® or 88® Baum4) is another solvent com- 
monly used to fractionate asphaltic bitumen. The usual proportions are 
100 volumes of the naphtha to 1 volume of the bitumen. The soft, light- 
colored, low molecular weight constituents of the asphalt, which dissolve 
in the naphtha, are called '^malthenes'' or ‘‘petrolenes^^ whereas the hard. 
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(lark-colored precipitate made up of high molecular weight compounds 
possessing a high carbon to hydrogen ratio is referred to as the ‘‘asphal- 
tenes/' 

Associated with the petrolenes are the asphaltic resins, which may be 
separated from the non-resinous portion by mixing with fuller's earth, 
^hich adsorbs the resins. The petrolenes may be washed out of the mass 
by means of 86® B4. naphtha and the resins then, at least partially, recov- 
ered from the surface of the fuller's earth by treatment with carbon disul- 
fide, chloroform, or benzene. When removed from the surface of the 
fuller's earth the resins again become completely soluble in naphtha. 

Oliensis (71) has proposed a test for determining the degree of homo- 
geneity of asphalts in which the asphalts are dissolved or dispersed in 5.1 
times their volume of a petroleum naphtha of specified properties. A 
drop of the dispersion placed on an inclined clean glass plate will give a 
smooth, clear, glassy film if the asphalt is homogeneous and a dull, matte- 
like streak in the center of the stain if it is not. The name “carboids" 
was suggested for the substances which are precipitated or are insoluble in 
the solvent. Naturally the presence of mineral matter in the bitumen 
complicates the Lest. 

Nellensteyn (63) found that asphaltenes which are usually in a dispersed 
condition go into solution if a diluent is added which is completely miscible 
with both the dispersing medium (the petrolenes) and the protective agent 
(the resins). The added liquid (diluent) should have a surface tension 
greater than 24 to 26 dynes per centimeter at 25®C. 

A method has been proposed by Schwarz (96) for classifying bitumen. 
The asphalts are etched by means of benzine, carbon tetrachloride, or 
carbon disulfide for 5 seconds and photomicrographs are taken of the sur- 
faces. Bitumens of various types and sources presumably give different 
patterns and designs under the standardized treatment. 

Recently Zwergal (124) extracted asphaltic bitumens successively with 
methyl, ethyl, propyl, butyl, and amyl alcohols. He found that the pro- 
portion of each fraction varied with the bitumen, and that the third frac- 
tion extracted with propyl alcohol) had a higher carbon and hydrogen 
cunt(Mit than the other fractions, owing to the small quantity of sulfur and 
oxygen present. This fraction also possessed the highest ductility. 

The refining and fractionation of petroleum by means of solvents (46) 
has developed very rapidly in recent years. Although these processes are 
frequently concerned with the reactions of asphaltic bitumen (18), they are 
too involved to be discussed here. 

IV. COLLOIDAL PROPERTIES 

Many of the characteristics of asphaltic bitumen indicate that they arc 
colloids; some of these properties and the theories concerning structure 
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will be briefly discussed. Nellensteyn (69, 61) has argued that asphalts are 
colloids because their solutions exhibit the Tyndall effect even at dilutions 
of 1 to 30,000, and because ultramicroscopic examination shows perceptible 
Brownian movement in the solution. He reports that ultramicroscopic 
particles were detected (60) in solutions of both native and oil asphalts. 
However, in the case of the former these may have been very small mineral 
particles which are practically impossible to remove by even the finest 
filters (85). From his researches Nellensteyn has developed a theory for 
the colloidal structure of asphaltic bitumen which is based upon the exist- 
ence of three components. They are (1) the fluid medium or dispersing 
phase, (2) the protective bodies which are lyophilic, and (3) a lyophobe 
part. The micelles of the dispersed phase are composed of the last two 
groups, and the stability of the system is dependent upon the interfacial 
forces existing between the fluid medium and the micelles. When an as- 
phalt solution is flocculated by the addition of some organic solvent a new 
phase is not formed ; the dispersed particles merely come together because 
of the change in interfacial tension which has taken place between them 
and the surrounding liquid- The theory assumes that elementary carbon 
is at the center of each micelle and, in fact. Waterman and Nellensteyn 
(117) claimed to have obtained carbon from artificial and natural asphalts 
by successive extractions with gasoline, carbon tetrachloride, and benzene. 
The presence of free carbon is also suggested by the dark color of the as- 
phalt. ^*Mast hydrocarbons are only slightly colored; the same could be 
expected of the colloidal solutions, even of the highly polymerized ones. 
The dark color of asphalt solutions therefore indicates the presence of free 
carbon.’^ The micelles may be pictured as composed of successive layers 
of hydrocarbons in which the ratio of carbon to hydrogen becomes less as 
progress is made away from the center or carbon nucleus. This ratio for 
the outer layer of the micelles will be very nearly the same as for the dis- 
persing phase (petrolcnes). 

Asphaltic bitumens are strongly adsorbed by certain types of mineral 
surface. By drawing asphaltic base petroleum upward through a column 
of dry fuller’s earth, Gilpin and Schneeberger (35) obtained fractions 
practically free of colored material and possessing specific gravities much 
lower than the original petroleum. They concluded that asphaltic petro- 
leum is an emulsoid, and that passage through a column of fuller’s earth 
causes the adsorption and coagulation of the bitumens present, which in 
turn carry with them the sulfur and nitrogen compounds and the aromatic 
and olefinic hydrocarbons. 

Guiselin and Handricourt (38) also found that the filtration of petroleum 
through dried earth produces a series of fractions, the first of which are 
water-white and possess a faint ethereal odor. Those hydrocarbons richest 
in carbon are the most attracted by clay. 
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The adsorption of asphalt from carbon disulfide solution by crushed 
granite, feldspar, and quartz was investigated by Dow (26). He used 
changes in the color of the dilute (0.5 per cent) solutions employed as a 
measure of the amount of adsorption. The coloring matter removed from 
petroleum by clay is believed by Bosshard and Wildi (16) to be colloidal 
in nature. 

Zaharia and Lucatu (121) subjected several petroleums to ultrafiltration 
in an effort to determine whether the paraffins, resins, and asphalts were 
present in colloidal or true solution. They employed vulcanized rubber 
membranes (0.04 mm. thick) in the Bruckner apparatus, under a pressure 
of 150 atmospheres. The “resins,’’ which are separated from the petro- 
leum by means of 70 per cent ethyl alcohol, and the paraffins were found 
to be ultrafiltrable. Both hard and soft asphalts were removed quantita- 
tively by ultrafiltration. Thus it was concluded that the asphaltic bodies 
present in petroleum are colloidal, but that the resins and paraffins are in 
true solution. The retained asphalts, dissolved in benzene and cyclo- 
hexane, were subjected to ultrafiltration, but they would not pass through 
the rubber membrane. 

Pyridine is an excellent solvent for asphaltic bitumen. Since the author 
had used rubber membranes and pyridine in the study of other systems 
(103, 105), he applied this combination of membrane and solvent to a 
study of various bitumens. Cells equipped with membranes of dentist’s 
rubber dam were filled with 5 per cent solutions of various hard asphalts in 
pyridine, and the under side of the membrane brought into contact with 
c.p. pyridine. The contents of the cells were agitated in order that a fresh 
layer of solution would be continuously presented ^to the semipermeable 
membrane. It should be noted that dialysis through a rubber membrane 
depends upon the solubility of the materia^ in the rubber; in this respect it 
differs from the sieve-like action of some membranes. The pyridine out- 
side of the cell became colored by the asphaltic materials passing the mem- 
brane. The outer liquid was changed from time to time, because as the 
concentration of the asphaltic materials increased therein the rate of trans- 
fer through the membrane became slower. After twenty-one days the 
dialysis was stopped. The pyridine was allowed to evaporate spontane- 
ously from the combined diffusates and from the dialyzate, the latter 
having been washed out of the cell with pure pyridine. The residues from 
the diffusate and dialyzate were weighed, and their combined weight sub- 
tracted from the total bitumen used in order to obtain the amount of vola- 
tile hydrocarbons lost from the diffusate along with the pyridine. 

Table 2 gives the weight per cents of the original asphalt recovered from 
the pyridine solutions and the loss, which probably is mainly volatile 
hydrocarbons lost during the evaporation (at room temp>erature) of the 
pyridine from the diffusate. 
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The dialyzates from all four kinds of asphalt were black, hard, and 
brittle. However, the characteristics of the diffusates from different bitu- 
mens may vary considerably, although the quantities obtained from a 
given amount of original material may be nearly the same. Examination 
of the results of the dialysis of solutions of various types of bitumen should 
be very helpful in solving the complex problems encountered in a study of 
the physical structure of asphaltic bitumens. 

Mack (53) considers that at low temperatures asphalts are sols of asphal- 
tenes in a mixture of resins and petrolenes. However, as the temperature 
is raised solution occurs; for the asphalts studied the process is complete 
at 120®C., and the liquids acquire the characteristics of true solutions. 


TABLE 2 

Fractionation of asphalts by dialysis 


TYPE OF BITUMEN 

WEIGHT PBH CENT OF 


Dialyzate 

Diffunate 

Loss 

Trinidad batch steam-refined oil asphalt (10 
penetration at 77°F., 100 g./5 sec.) 

Sf) 

27* 

18 

Venezuelan batch steam-refined oil asphalt 
(10 penetration) 

.54 

27t 

19 

Venezuelan air-blown asphalt (10 penetra- 
tion) 

.58 

22t 

20 

Bitumen from Trinidad refined lake asphalt 
(7 penetration) 

72 

18* 

10 


♦ Comparatively hard. Tacky, 
t Comparatively soft. Tacky but long. 

i Comparatively very soft. Oily, slightly tacky, short. Lighter colored than 
the others. 

The molecular weights of the asphaltenes were calculated from the concen- 
tration and viscosity of solutions in petrolenes and benzene by means of 
the equation, 

log relative viscosity = ckM (1) 

(where c = concentration in weight per cent, M = molecular weight, and 
fc = a constant) and were found to be of the order of 1800. These deter- 
minations, together with the measurements of adsorption of asphaltic resins 
by asphaltenes, indicate that the high viscosities of asphalt are caused by 
association and not by solvation. 

Bateman and his coworkers (10, 11) have studied the effect on asphalts 
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of mixing them with sand and stone at elevated temperatures. Improve- 
ments (2) in the method of recovery of bitumen from mixtures with mineral 
aggregate have made investigations similar to those of Bateman much more 
valuable and reliable. There are many indications that different types and 
kinds of bitumen are affected to different extents by contact with hot sand 
and stone, especially in the presence of air. Recently, Sikes and Corey 
(99) studied experimentally the effect of continued heating on various 
kinds of asphalt. The fact that asphalts at atmospheric temperatures 
frequently possess anomalous flow properties has been taken by Traxler 
and Coombs (109) as evidence of the colloidal nature of bitumens. 

V. OPTICAL PROPERTIES 

Engler and Steinkopf (27) found the quantity of optically active material 
in petroleum to be so small that numerous fractionations had to be made 
to obtain a sufficient concentration for accurate study. They obtained 
evidence that the activity was due to decomposition products of cholesterol, 
and that overheating caused a diminution of activity either by racemiza- 
tion or by complete deactivation. Every petroleum studied by them 
showed some optical activity. Rakuzin (81) had detected cholesterol itself 
in petroleum, but later investigations (100), using the digitonin reaction 
on Java and Mendoza oils, made it appear doubtful that the free compound 
exists in petroleum. Marcusson (56), also, is of the opinion that the opti- 
cal activity of mineral oils is due to saturated hydrocarbons formed from 
cholesterol or its compounds. 

Solutions of untreated and sulfonated asphalts in benzene, chloroform, 
and hydrocarbon solvents were prepared by Rosinger (90). The solutions 
were poured out on glass plates and the solvent allowed to evaporate, leav- 
ing thin films of the asphalt. When these films were exposed to light, 
changes, probably due to oxidation, occurred in the bitumen which ren- 
dered it insoluble in the solvent used in preparing the original solution. 

At about the same time Godrich (36) found that the action of light on 
asphalt made it more insoluble in the usual solvents. Further, the sensi- 
tivity of the asphalt to light was increased by the presence of sulfur mono- 
chloride. Although Godrich found that solutions of asphalt showed ab- 
sorption bands in the blue and yellow, some of our own unpublished studies 
have shown the complete absence of absorption bands either in the visible 
or ultra-violet transmission or reflection spectra. In asphalts containing 
sulfur Godrich found the absorption bands in the yellow to be missing. 
According to him, asphalt is sensitive to monochromatic light over the 
entire range of the visible spectrum as well as into the ultra-violet. 

Bitumens exposed to air and sunlight were found by Reeve and I^ewis 
(83) to undergo changes other than those due to ioss of volatile matter. 



128 


R. N. TRAXLER 


These investigators came to the conclusion that polymerization and inter- 
molecular reactions induced by heat and possibly by light were largely 
responsible for these changes. 

Errcra (28) has discussed the early wwk of Kaysor (1879), who isolated 
three components of asphalt by dissolving successively in alcohol, ether, 
and chloroform. Kayser called the three fractions a-, /3-, and 7-asphalt. 
Alpha asphalt is an oily substance, while beta asphalt is a gummy solid 
with a softening point of about 60°('. Gamma asphalt, the only one of 
the three which is really sensitive to light, is high in sulfur content and 
melts at about 165°C. According to Errera, Judaean and J'rinidad asphalt 
contain 58 and 38 per cent, respectively, of gamma asi)halt. This com- 
ponent, wdiich roughly corresponds to the asphaltenes mentioned above, 
is chiefly in a colloidal state. 

During an investigation of asi)halts front the region of the Black Sea, 
Tycinin (113) found that an ether extract which was free from asphalt 
continu(‘d to deposit material on standing. In darkness the deposition 
stopped, and them startl'd again on exposure to light. Large vsurfaces of 
nickel, glass, and other solids increased the amount of deposit. Tycinin 
believed the change was not a ch(‘mical reaction but only a transformation 
of material into another physical state. '’ilK'se changes are somewhat 
analogous to the formation of “carbenes^' in carbon tetrachloride solutions 
of asphalt exposed to sunlight. 

Macht (52) found that thin films of asphalt on glass plates gave a green- 
ish-fellow fluorescence under ultra-violet light, and that the color of the 
fluon'seence deepeiUMl as the asphalt became harder. Films of coal tar 
gave a dark browm fluorescence*. Benzene and bf'uzini* solutions of asphalts 
from various sources .showed difTerent colors under ultra-violet light. Mix- 
tures of tar and asphalt were tested by placing a few’ droi).s of a benzene 
solution of the mixtun* on filter j)ai)er and permitting the* solv(*nt to evapo- 
rate before irradiation. Macht claims that with practice an accuracy of 5 
per (;ent in estimating the proportions of asphalt and tar may be attaineil. 
Bruckner and Meinhard (20) also found that i)etroleum pitch, coal-tar 
pitch, and inontan wax, either in solid form or in solution in carbon tetra- 
chloride, chloroform, benzene, or petroleum naphtha, could be identified 
by their fluorescence in ultra-violet light. Howc'ver, they claim that one 
material cannot be identified wlien mixed with others. 

Hradil (42) has examined the* fluorescence of oil shales spectroscopically, 
and Bentz and Strobel (13) rejwrt that crude oil can be distinguished from 
the refined product by the fluorescence shown under ultra-violet light. 

In the opinion of Schwarz (97) the refractivity of individual hydrocar- 
bons is a source of information which has not been completely utilized in 
the past. He also believes that etching with benzine, carbon tetrachloride, 
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carbon disulfide, and other solvents, followed by microscopic examination 
of the etched surfaces, may lead to valuable information concerning the 
proportions of resins, asphaltenes, carbenos, and carboids in an asphalt. 

Although the Raman effect has not been studied in connection with 
asphaltic bitumen, Hibben (41) has discussed the applications and limita- 
tions of Raman spectra in the petroleum industry and has given data on 
cracked and uncracked gasolines and oils. 

The colors of particular asphalts are of practical interest, especially when 
the bitumens are to be compounded with pigments. A Klett ccdorimeter 
has been used by the writer and his associates to estimate the color of 
bitumens obtained from various sources and by different methods of prepa- 
ration. Although only comparative data are available at the present time, 
a procedure somewhat similar to the optical density meth(Kl described by 
Ferris and Mcllvain (29) for assigning numerical valiu's to lubricating oils 
might be devised. Craefe (37) compared very dilute solutions of tisphalt 
in benzene (1 to 10,000 parts) with an aqueous solution composed of 0.1 
per cent iodine in a 0.2 per cent solution of potassium iodide, lie found 
air-blown asphalts to be the darkest in color, while natural asphalts were 
the lightest. 


VI. SURFACE TENSION 

^Measurement of the surface tension of asphaltic bitumens is very diffi- 
cult, because at ordinary temperatures most of them are not fluid in the 
ordinary sense of the term. Only by making the measurements at elevated 
temperatures has it been possible to obtain estimates of the interfacial 
tension between air and asphalts of the consistencies usually employed 
industrially or in paving. 

Surface tensions were determined for (1) Veruzuelan crude oil of specific 
gravity 0.9609 at 60®F., (2) Trinidad petroleum of specific gravity 0.9497 
at 60®F., and (3) a petroleum from the Island of Trinidad with a specific 
gravity of 0.9176. Table 3 gives the values obtained on these three asphal- 
tic base petroleums at various temixjratures by means of the duNoiiy ring 
method. 

The Venezuelan petroleum was saturated with water (an emulsion with 
water as internal phase was formed) and the surface tension measured at 
28°C. by means of the duNoiiy instrument. The value obtained was 33.0 
dynes per centimeter, which is about the same as for the unsaturated oil. 
Distilled water was then agitated with about one-tenth of its volume of 
Venezuelan oil, allowed to stand overnight, and then separated from the 
petroleum. The oil-saturated water was found to have a surface tension 
of 58 instead of 72 dynes per centimeter. Thus, there is a difference in 
surface tension of 25 dynes per centimeter between Venzuelan oil saturated 
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with water and water saturated with oil. This value represents the force 
which is working toward the production of an emulsion with water as in- 
ternal phase in such a system. It is this force which must be overcome in 
producing bituminous emulsions with water as external phase from this 
asphalt. 

When similar experiments were performed using the Trinidad petroleum, 
which had the same specific gravity as the \ enezuelan, the difference be- 
tween the surface tensions of oil saturated with water and water saturated 
with oil was found to be only 20.5 dynes per centimeter. Therefore, less 
force has to be overcome in preparing an external phase emulsion using 
this petroleum or bitumens derived from it by distillation than when the 
Venezuelan oil or its derivatives arc used. Practical experience in the 
production of commercial bituminous emulsions has confirmed this con- 
clusion. 


TABLK 3 


Surface tension of asphaltic petroleums 


PKTHOLEUM 

TEMPERA runs 

SURFACE TENSION 


•r. 

dynes /cm. 

Venezuelan 

20 

34 5 


50 

30.0 


84 

27.0 

Heavy Trinidad 

2.5 

34 0 


.55 

32 5 


S.5 

30 5 

Idght Trinidad. . . 

2() 

28 5 


58 

26 0 


1 

2,5 0 


A soft asphaltic bitunu'n (48 seconds float (6) at 15()°F.) prepared by 
steam distillation of pc^trohaim from ilu* Island of Trinidad was agitated 
slowly .at 85®C. with 0.01 N sodium hydroxid<» and tium allowed to stand 
until the temperature dropped to 25®C. Th(‘ asplialt was skimmed from 
the surface of the solution, which wa-s dark l)rown in color. The original 
0.01 N sodium hydroxide had a surface tension of 59 dynes per centimeter, 
whereas the above-mentioned solution gave 85 dynes per centimeter, a drop 
of 24 dynes per centimeter. This decrease in surface tension was due to 
the formation of dark-colored, soap-like substances by the interaction of 
the sodium hydroxide an<i substances present in the bitumen. These 
soajv-like comiK)unds, upon isolation, were found to be excellent emulsifying 
agents for bitumens wdiich otherwise were rather difficult to emulsify. 
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Emulsions with water as external phase, prepared from the soft Trinidad 
residuum and 0.01 N sodium hydroxide, gave surface-tension values of 33 
dynes per centimeter. Since this figure is almost identical with that 
obtained on the solution mentioned above, it may be concluded that the 
continuous phase of the emulsion is very similar to the soap-like solution 
prepared by careful extraction of the bitumen with a solution of caustics 
soda. 

Some measurements of the surface teiLsions of petroleums were attempted 
using glass capillary tubes, but the results were unsatisfactory, probably 
because of adsorption at the glass wall. 

Francis and Bennett (31) used the duNuiiy ring apparatus to iiKuisuro 
the surface tensions of various domestic crude petroleums, aiul obtained 
values ranging from 29.0 to 31.2 dynes ])(t centimeter at 

Using Jaeger\s (43) method, Nellen.steyn and lloodenburg (62) measured 
the surface tensions of the following asphalts at temperatures ranging from 
about 100® to 225®C. 

(1) Oxidized Venezuelan asphalt. (Ring and Ball soft(‘ning point 

- 64.2®C.). 

(2) Mexican asphalts. (Ring and Ball softening points = 42®, 55.7®, 

and 58.5®C.). 

(3) Bitumen from Trinidad native lake asphalt. (Ring and Ball 

softening point = 65®C.). 

The surface tensions of a coal-tar pitch (Ring and Ball softc'ning point = 
60.2®C.) were determined at temperatures ranging from 67® to 180®C'. 

''fhey found that the surface tensions of the asjdialts all fell within the 
limits 20.7 to 37.4 dynes per centimeter. Also, all of the temperature 
surface tension curves showed a sharp break at about 150®C\ Nellensteyn 
and Roodenbiirg discussed the theoretical and practical significance of this 
break, and attributed it to sudden changes in the internal structure of the 
bitumen. 

They also extracted the oily medium (pctrolenes) from the various bitu- 
mens by means of naphtha and acetone, and then obtained surfac(*-tcnsion 
data on the recovered, solvent-free, bituminous fractions. For tla'sc frac- 
tions the temperature range was much greater (30° to 230°(1) than for the 
asphalt itself, because the petrolenes are fluid at the lower temperatures. 
A break also occurred in the surface tension temperature curve for the 
petrolenes, but at a temperature of about 50®C. 

Saal (95) was unable to verify the results obtained by Nellensteyn and 
Roodenburg, although, using the duNoiiy method, he investigated several 
asphalts of different origins and methods of processing. He concluded that 
the breaks in the temperature-surface tension curves found by the previous 
investigators were due to experimental errors caused by using Jaeger's 
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bubble method to measure the surface tension of materials possessing 
viscosities above 15 poises. Consequently, Saal believes that Nellen- 
stcyn's conclusions concerning the internal structure of asphaltic bitumen 
at temperatures below the break in the curve are unjustified. 

Nellensteyn and Roodenburg explain the greater miscibility of Trinidad 
asphalt with tar as being caused by its having a slightly higher surface 
tension than that possessed by mast other asphaltic bitumens. When the 
surface tension of an asphalt is determined, it is probably the continuous 
phase (petrolenes) which is evaluated, since the micelles (asphaltenes) 
should have very little effect. 

VU. INTERFACIAL TENSION BETWEEN ASPHALTIC BITUMENS AND WATER OR 

AQUEOUS SOLUTIONS 

The formation of emulsions, in which water is the internal phase, with 
crude oils is of rather common occurrence, and the bre^ng of these oil- 
field emulsions is often a serious problem involving large expenditures of 
time and money. On the other hand, the production of bituminous emul- 
sion, in whicli the asphalt is dispersed in the form of very small drops in a 
continuous phase usually compased of an aqueous soaj) solution or a very 
dilute clay slurry, has grown to bo a business of large proportions. In both 
of these types of emulsion the tension which exists at the oil-water or oil- 
aqueous solution interface is an important property. As in drtermining 
the surface tension of bitumeas, it is difficult to measure the interfacial 
tension between water and a hard bitumen which does not flow easily at 
ordinary temperatures. 

Moreover, the intcrfacial tension must be determined at temperatures 
below the boiling point of the aqueous solution. Thus, a limitation is 
encountered immediately wliich does not aj>pear in the evaluation of 
surface tension. 

By forming drops of water in oil Johansen (44) studied the interfacial 
tensions developed between w^ater and various light-colored petroleum 
products. The drops were counted and their total volume measured at the 
end of the exp<'rinient, and thus the average drop size was determined. 
Because of their dark color and opacity asphaltic materials could not be 
used as w'cre the oils in Johansen’s experiments. However, the author 
tried to measure the interfacial tension between soft asphaltic bitumen and 
water or alkaline solutions by forming drops of the bitumen in the aqueous 
medium. The experiments were not successful, chiefly because the water 
wetted the tip of the glass capillary better than did the bitumen, and 
because there was very little difference in density between the water or 
aqueous solution and the soft bitumens w'hich were employed. 

Weiss and Vellinger (119), and Vellinger (115) studied the influence of 
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tf inpr*rature, pH, and degree of refining of i>etroleuin oils on the interfacial 
tensions which they develop against water. 

Using the duNoliy ring tensiometer, Traxler and Pittman (104) meas- 
ured, at 85®C., the interfacial tension het\ve(‘n various ('oncentrations of 
sodium hydroxide solution and two soft asphaltic bitumens. The bitumens 
used were prepared from Venezuelan ami Trinidad ])etrole\im by steam 
distillation and had specific gravities at 85®/S5°C\ of O.OOtU and 0.0970, 
and floats at 150°F. of 44 and 53 seconds, respectively. It was found that 
the addition of sodium chloride up to a concentration of 0.125 M reduced 
the interfacial tension, whereas greater concentrations of salt increa.sed the 
tension. The presence of calcium chloride up to a concentration of 0.0025 
M in the aqiu'ous phase increased the interfacial tension, but b(\vond that 
figure the tension values remained constant. The influence of calcium 
chloride could be partially counteracted by the addition of sodium chlo- 
ride; at ratio n which varied from 50 to 100 parts of sodium chloride to 
one of calcium chloride the salts completely neutraliz(*d the eflect of each 
other. 

nilie same bitumens were later used (104) in experiments to d(‘t ermine 
the interfacial tension against dilute solutions of disodium hydrogen phos- 
phate, sodium tetraboraie, sodium carbonate, sodium silicate, and sodium 
phosphate. At 85°C. solutions of sodium silicate and sodium phosphate 
gave lower interfacial tensions than disodium hydrogen ])h()sphate and 
sodium tetraborate. Solutions of sodium carbonate were found to giv(^ 
values intermcfliate to these two groups. Further, the natun? of th(i anion 
present in the aqueous solution was found to have more infliu'iu^c^ than the 
j)H on the interfacial tension. 

Nellensteyn and lloodcnburg (65), from a study of the spreading of water 
on asphaltic bitumens and tar, concluded that Antonov’s rule applied to 
such systems. This rule states that the tension at an interfaces eejuals the 
difference in surface tensions of ^he two liquids. However, this relation 
holds only for pure liquids which are immiscible. Since water does dissolve 
some material from most bitumens, adherence to Antonov’s rule would not 
be expected. Experiments conducted by the writer and his colleagues 
indicated that such a conclusion is correct. 

VIII. ADHESION OF BITUMENS TO SOLID SURFACES 

The ability of bitumens to wet and adhere to solid surfaces is of practical 
value in the application of asphalts to paving, waterproofing, impregna- 
tion of felts, fabrics and fibres, as binders, paints, etc. Bain (7) emphasized 
the necessity of proper wetting of the .solid surfaces by bitunuTi in mo.st of 
its u.ses, and pointed out that in the native asphalts nature has accom- 
plished almost perfect wetting of the dispersed mineral by the bitumen. 
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Bartell and Miller (8) studied quantitatively the wetting of silica by 
various petroleums, and obtained displacement pressures which varied 
from about 109 to 259 g. per square centimeter. Later these same investi- 
gators (9) measured the displacement of crude oil from silica by aqueous 
solutions. The solutions which w'cre most reactive toward silica displaced 
the petroleum most readily. 

An apparatus for measuring the adhesive properties of bituminous pipe- 
coating compounds has been described by Christopher (22). The mecha- 
nism and theory of the wetting of solids by liquids has been presented by 
McLean and Kohman (55) and by Peek and Mcljcan (74). Nellensteyn 
(66) revi(^wed the energy relations existing between bitumens and solid 
materials. Fricke and Meyring (32) determined the wetting power of 
asphalt and tar and mixtures of them for glass by measurement of the 
angle of contact which the materials make with a clean surface. 

Recently, La o (48) has studied the displacement of tar and bitumen films 
from various .solid surfaces V)y means of water. He gives a clear, concise 
exposition of the us(» of contact angles for measuring the wx'tting of a solid 
by a liquid. 

It has been proposed (120, 47), that the characteristics of bitumen - 
mineral mixtures arc greatly influenced by the surface forces acting be- 
tween the solid and liquid. Wedmon^ (118), during an evaluation of 
materials for the exclusion of water in electrical apparatus, devised a 
method by means of which the adhe.sivene.ss of bituminous compounds 
may ije measured. A cylindrical steel mold filled with the material being 
tested rests on a very highly i)olished steel plate. The plate and mold are 
slowly pulled apart at 20°C. A satisfactory material is arbitrarily classified 
as one whicli adheres to at least 90 por cent of the expo.sed surface. 

Saal (91) believes that the adhesion of bitumens to solids is to a great 
extent influenced by the surface condition of the solid. Riedel and Weber 
(88), also, have expres.s('d the opinion that the projx'rties of the stone have 
a greater influence on the adhesivene.ss in a paving mixture than do thaso 
of the bitumen. The presence of soaps and electrolytes has a definite 
effect on the adhe.sivene.ss betwee^n stoiK' and bitumen, consequently the 
adhesiveness of hot bitumen to various .stones is less variable than is that 
of bituminous emulsions. Dahlbcrg (24) objected to the work of Riedel 
and Weber, because it was all done at 100°C., and made the .suggestion that 
values be obtained for adhe.^ion at 100°, 70°, 50°, and --10°C. Nu.s.sel 
and Neuman (69) test for adhe.sion of bitumen to stone by boiling the 
coated solid with solution.^ of .sodium carbonate. Their results do not 
agree with those obtaiiuxl by the methcKi proposed by Riedel and Weber. 
Although it is rather difficult to prove, the belief is held by most inve.stiga- 
tors that the adhesion of bitumen to stone increase.s with time. 
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Tho presence of small amounts of paraffin wax has been shown by Rielun 
(89) to decrease the adhesiveness of asphaltic bitumens greatly, and he 
established 2.5 per cent of paraffin wax as the maximum ixTuiissible content 
if good adhesion is to be obtained. 

The slipperiness of asphalt siirfaees, a property of considerable practical 
importance, has been discussed by Nellenstcyn (67) as a problem in the 
surface wetting of bitumen by water. In his opinion, an exten.sive knowl- 
edge of the surface and interfacial tensions of the materials involved 
apjx^ars to be essential to an understanding of the subject of slippe riness. 

IX. FLOW PKOPEUTIK8 

Of the numerous empirical methods used for mea.suring the consistency 
of asphalts and similar materials one of the most widely used is the penetra- 
tion test (4). The penetrometer measures the distance a needle of definite 
shape will enter the material when a standard load is applied at a standard 
temperature. Various methods have been developed for determining the 
so-called softening point, which is simply the tem])erature at which the 
material under test attains a certain consistency. The consistency of 
asphalts at the temi>eratures known as their Ring and Ball softening points 
(5) has been reported (‘^0) to be about 12,000 pois(\s. In tin* writer’s labora- 
tory the values for fourteen steam- and vacuum-nTinc'd asphalts have Immmi 
found to vary from 14,000 to 30,0(X) poises. Saal (94) found that at the 
Ring and Ball softening points the asphalts which he investigated luul vis- 
cosities from 10,000 to 20,000 poises. Although all of the tests commonly 
used to measure the consistency of bitumens arc n'lated in some way 
to the viscosity expressed in c.g.s. units, the relationship is usually very 
complex. 

A number of instruments are available for measuring the consistency, in 
arbitrary units, of soft bitumens at atmospheric temperatures or of hard 
ones at elevated temperatures. The Saybolt-Furol and Say))olt-Univei>?al 
efflux viscometers and the Stormer and MacMichael rotating machines an* 
widely used in the United States. The Redwood is uscmI in England, th(* 
Englrr in Germany, and the Barbey vi.scometer to some extent in France. 
Each ii^strument has its own sphere of usefulness, and althougii none of 
them gives values in absolute units (poises) directly, conversion factors 
have been developed for some of the instruments which have proved to be 
quite satisfactory. 

In recent years several methods have been devised or improved (110) 
for measuring the consistency of very viscous materials. Home of these 
instruments have been found useful in evaluating the flow properties of 
hard asphaltic bitumens at atmo.spheric temperatures. Saal (93) and 
Saal and Koens (92) have given excellent reviews of .several of the available 
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inothods, together with th(» consistency ranges over which each type of 
instrument is applicable. 

The alternating-stress method developed by Bingham and Stephens (14), 
and used })y them to measure the viscosity of rosin, has been employed 
(76, 106, 107) to obtain information concerning the consistencies of asphalts 
j)oss(‘ssing viscosities above 10® poises. When consistencies below 10® are 
to b(‘ measured, a modification (76) oi tlie Bingham-Murray tube plastom- 
is a convenient and accurate method. The rotating concentric 
cylinder type of viscometer (23), which has been modified recently (57), is 
adai)tabl(* \i) a very wide range of consistencies, and by means of this in- 
strument the mat<*rial under test may be subjected to a considerable range 
of sliearing stress. A nunil)er of sti*am- and vacuum-refined oil as])halts 
of the consistem*y used in asphalt pavements have been found to behave' 
essentially as viscous liejuids. However, hard steam-refined and air-blown 
asphalts wen* found to give* a curvilinear relation between rate of shear and 
she*aring stress. Alse), these materials are freeiuently elastic and thixo- 
tropic. 

Saal and Koens (92) also stueliexl the flow properties of several bitumens 
by means of capillary anel rotating cone*entric cylinder viscometers, and 
femnd most of tliem to l)e non-Ne*wtonian lieiuids, i.e., the experimenitally 
eletermined viscositie*s dee*re*ased with incre'asing shearing stress. With 
some of the as[)halts they found evidence for the existence of thixotropy; 
tlu' bitiu>'ens show(*d a d(*crease in consistency with mechanical working. 
Tlie ph<*norn(*non of thixotropy is probably caused by tin* elimination of 
structure within the asplialt. Results obtained in the research laboratories 
of The Barber Asplialt Company indicated tliat the amount of structure, 
which appeared in the form of thixotropy, varied among different asphalts 
and could be increfis<*d mark(*dly by the addition of ftn(‘ly ground mineral 
powders to the ]jitum(*n. 

Viscosity was related to the penetration by Saal (93) by means of the 
expression : 

' (poises) = (2) 

where the viscosity and penetration were determin(*d at the same tempera- 
ture. However, Traxl(»r, Pittman, anil Burns (lOti) found that such an 
expression did not accurately relate the penetration and viscosity of several 
kinds of asphaltic bitumen. No doubt the penetration of a needle into a 
mass of aspiialt is greatly influenced by the adhesiveness of the bitumen 
toward the steel. This may be the chief reason why, for all kinds of bitu- 
men, penetration cannot be expressed as a simple function of viscosity. 

The change of viscosity of a.sphaltic bitumen with temperature is a 
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vrrv important property. Walther proposed a formula of the type 

log log {Vk + 1) = tn log 7 + c (3) 

wliere W = kinematic viscosity in ceutistokes, T = absolute temperature 
(273 + and vi and c are constants. It is admitted that this formula 
tnay be criticized because of the double logarithm, and over a wide range 
of t(‘mperaturos it has been found (76) to give values which deviate from 
those determined ex])erimentally by as much as 25 to 30 per cent. Dupli- 
cate experinuTits checked within about 5 per cent. 

losing a rotating viscometer, Umstatter (114) investigated the influence 
of t('mj)erature on the viscosity of asphalts over the temperature range of 
25° to 50°C\, and obtained a straight line by plotting the logarithm of the 



Fkj. 1. Variation of viscosity with temperature for a Mexican asphalt 

viscosity against the reciprocal of the stpiare of the absolute temperature. 
Ho\vev(T, when temperature viscosity data obtained over a wide range of 
tempe rature are tested in the manner proposed by Omstatter, it is found 
\hul the curve breaks in the region of the softening point of the jisphalt. 

Although some investigators have found transition points in the viscos- 
ity-temperature relatioaships for asphalts, there are ample data indicating a 
distinct continuity throughout a wide temperature range. Figure 1 shows 
the log viscosity versus temp('rature relationship (76) of an asphalt pre- 
pared from Mexican petroleum in a batch steam still. The penetration 
of the asphalt at 25°C., 100 g., and 5 sec. was 62; the Ring and Ball softening 
point was 52.2°C. The smooth curve obtained over the wide range of 
viscosities is a goo<l indication of the accuracy of the methods of measure- 
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nient used. Further, the curve indicates that a gradual change occurs in 
the pliysical stat(' of the asphalt as the temperature is raised or lowered. 

Numerous ein])irical methods have been proposed for evaluating the 
susceptibility (change of consistency with temperature) of asphalts. Most 
of these methods have been review ed and criticized (107), and the proposal 
made that the susceptibility of an asphalt be expressed as a function of the 
slope of some linear temperature viscosity relation. Although the most 
simpler expression w^ould be the slope of an arithmetical plot of temperature 
against viscosity, such a plot is not linear even over a short temperature 
range. However, for most asphalts a plot of the logarithm of viscosity 
against temperature is essentially a straight line for limited temperature 
ranges above and below the softening point. Th(^ asphalt viscosity in- 
dex proposed was expressed as 


A.V.[. = 100 

where r/r and r\d are the viscosities, in poises, of the asphalt at temperatures 
(°C.) tc and id, respectively. 

The A, V. /. evaluates the p(Tcentage change in the viscosity of an 
asphalt for a rise* in temperature. To obtain the index for a particular 
asphalt it is only necessary to determine experimentally the viscosities at 
two temperatures within a range where a plot of log viscosity against tem- 
perature gives a straight line. Indices may be developed for a given 
asphalt for temperature ranges both above and below the softening point. 
The former is of interest in the processing of asphaltic materials, whereas 
the latter is helpful in evaluating their behavior under service conditions. 

Rei’ently Nevitt and Krchma (68) developed an expression based on an 
ecpiation similar to ecpiation 3, by w^hich they evaluated the susceptibility 
of a number of jisphalts over a wide temix^rature range. Also, a new^ appli- 
cation of the penetration test to the measurement of the susceptibility of 
asphalts to temperature has been given by Bencowitz and Boe (12). They 
found that the equation 

V ^ A + B X (5) 

where p = penetration in decimillimeters, t = temperature in degrees 
Centigrade, and A, B, and C are constants characteristic of each asphalt, 
held for asphalts of different sources and methods of processing. 

The viscosities of bitumens were measured, years ago, by Pochettino 
(77), who employed a capillary viscometer and the falling coa.xial cylinder 
viscometer protX)sed by Segel (98). The falling-cylinder viscometer has 
been used to evaluate asphalts possessing consistencies above 10* poises; 
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till !s it may be used over about the same range as the alternating stress 
method discussed above. Further, the method lias been adapted (111) 
to a study of the increase of consistency \^ith time, which is a characteristic 
of most bitumens. After a bitumen has been melted and allowed to cool, 
a progressive hardening occurs, which varies markedly >\4th the type and 
the source of the material used. However, the rate of hardening decreases 
rapidly with time. This increase in viscosity is not due to loss of volatile 
constituents, because careful reheating and cooling w^ill return the bitumen 
to its original consistency. Mechanical working of the asphalt will have 
the same effect as heating, but to a lesser degree, indicating that time-hard- 
ening is a manifestation of thixotropy. 

TABLE 4 


Increase of viscosities of asphalts with time 


A8P!I\LT 

BLAPflBP TIMB AFTBR CUOUNQ 

VIIKOSITT AT 25*(*. 


hours 

poises X 10* • 

A 

3 

2 11 


24 

2 12 


51 

2 14 


96 

2 14 


168 

2 18 


336 

2 2,5 


936 

2 26 


2523 

2 32 

V 

3 5 

3 98 


24 

4 29 


48 

4 48 


75 

4 62 


148 

4 80 


240 

5 04 


507 

5 30 


In the experimental study of the 'Time-hardening’' of asphaltic hitu- 
men^ a number of falling coaxial cylinder viscometers w'eni filh'd simul- 
taneously writh a particular bitumen. The loaded viscometers were placed 
in an air bath maintained at 25® zb 1°('. Individual instruments were 
removed from time to time, and viscosity determinations made at 25®C. 
Table 4 gives the data x>n two asphaltic bitumens having greatly different 
time-hardening characteristics. Asphalt A, produced by the vacuum dis- 
tillation of a Californian petroleum, had a penetration of 55 at 25®C., 100 g., 
5 sec., and a Ring and Ball softening point of 47.2®C. Asphalt F, produced 
by batch steam distillation of a mixture of heavy gravity with some medium 
gravity petroleum from the Mene Grande field in Venezuela, had a pene- 
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tration of 63 at 25°C\, 100 g,, 5 sec., and a Ring and Ball softening point of 
51.7°C. 

Data similar to those given in table 4 have been obtained for a number 
of different asj)lialts, and it appears that both the source and method of 
proc(\ssing have a profound influence on the degree of hardening exhibited 
by the various bitumens. Since the bitumens which show the most harden- 
ing with time are the ones which also give the greatest deviations from 
viscous flov/, it may be concluded that the degree of extent of this hardening 
is dependent upon the amount of ‘^structure^* potentially present in the 
material. 

Although tlie (^hlsticity of asphaltic bitumen and bituminous plastics is 
undoubtedly an important property, comparatively little work has been 
done toward its evaluation. In all measurements of the flow of bitumens 
of high consistcn<;y at ordinary atmospheric temperatures elastic effects 
are apparent. The harder the asphalt or the lower the temperature, the 
more (ivident these (‘flFects become (109), because the permanent (viscous or 
plast ic) deformation b(*ing small obscures to a lesser extent the non-perma- 
nent (elastic) deformation of the sample. 

Fochettino (77) investigated i\u* elasticity of asphaltic bitumens and 
tars by means of an acoustical iiu'thod. Recently Rader (79) measured 
t he moduli of elasticity in b<‘ams of asphaltic paving mixtures at very low 
temperatures. The method used was similar to that employed in deter- 
mining flexure in beams of the usual structural materials. Some prelimi- 
nary work has been done in estimating the elasticity of compression in 
asphalt paving mixtures (108, 116). Efforts have been made to increase 
the elasticity of asphaltic bitumens by the addition of rubber and other 
materials. German patent 578,934 proposes to improve the (elasticity of 
asphaltic^ masses by the addition of CUiina wood oil and a condensing agent 
such as aluminum chh^ride or ferric chloride, (hunant (34) found that 
mineral oils possess elasti(‘ity, and he ascribes the effect to a fine lattice 
work of colloidal partich's within wliich the lifjuid phase is held. 

From the above outline it must be admitted that although rapid advance- 
ments have b('en inad(* during recent years, our understanding of the physi- 
cal chemistry of asphaltic bitumen is still quite elementary. The chaotic 
condition of the information concerning the various phases of the problem 
is mainly due to (1) the complex composition of asphalt, (2) the fact that 
asphalt from various sourc(\s and processed by different methods varies 
greatly, and (3) tlie fact that the determination of any property is fre- 
(luently influenced directly or indirectly by one or more characteristics. 
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The r('Iativ(‘ stability of hydrocarbons determines the courses of the pyro- 
lytic reactions, a complete knowledge of which would make poH8i})le the 
choice of optimum conditions for obtaining desired hydrocarbons and would 
simplify the formulation of the mechanism of the reaction. Unfortunately, 
strictly comparable data are not wholly available. However, by a com- 
parison of the results obtained on paraffins and olefins under comparable 
conditions, their relative' stabilities can be estimated with some order of 
accuracy. Furtln'rinoro, when the results arc not obtaineil under compa- 
rable conditions, a comparison of conclusions gives the next best order of 
stability. 

A small i)er cent coJiversirai of hydrocarbons would offer a basis for a 
comparison of their stabilities, since uiuh'r this condition secondary reaev 
tions would not b(' 'present or would be negligible. Some investigators 
have utilized this metliod, while others have pro<hi(;ed maximum yields of 
liquids or gases, obtaining d(*composition up to 100 per cent. These latter 
n'sults often give conclusions which contradict the ones obtained at low 
per cent conversion. 

STABILITY OF PARAFFINIC HYDROCARBONS 

Different stabilities for the lower paraffins were recognized by the earliest 
investigators, yet it remained for experimenters in the last decade or so, 
using th(' better analytical methods available, to obtain the decompo.sition 
data from which results might be reasonably compared. 

The stability of paraffins depends upon their ability to withstand decom- 
position and isomerization. Only the resistance to decomposition has been 
reportc'd, and therefore can be used as a basis for comparison. From this 
viewpoint, the stability of the normal and isoparaffins through hexane 
decreases with an increase in molecular weight. However, the stability of 
the iso versus the normal paraffin is not so well defined, because isobutane 
is more stable than n-butane, except that they are the same at 600®C., 
while isopentane is less stable than n-pentane and 2-methylpentane is less 
stable than n-hexane. 
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The data for pyrolysis of normal paraffins are summarized in table 1 and 
show that for a given set of conditions the shorter the chain the greater the 
resistance to lu^at. Hence, it is concluded that through n-hexane the 
stability decreases with increasing chain length. 

Th(? initial decomposition temperatures of some paraffins were obtained 
by noting the pressure change (17, 19, 20) when the hydrocarbons were 
heated for one hour in a glass bulb. It was claimed that specific products 
w'ere formed for a restricted range of temperatures. Thus, for n-butane 


TABLE 1 

Pyrolysis of normal paraffinic hydrocarbons 


CONDITIONS 

HTDRCXAnBON, PERCENT DECOMPOSITION 

H 

d 

§ 

Time 

1 Prwwure 

X 

X 

X 

s 

X 

2 

X 

X 

z 

H 

K 

H 



u 

C 


6 

C 

o 

Pt 

•c. 


atm. 








430 

8. 9-9.0 hrs. 

1 0 




6 0 



5 

430 

4 .0 lira. 

1 0 





5.0 



430 

2.0 hra. 

1 0 






8 0 


m 

12 aec. 

1.0 


6 0 





21 

650 

11 acc. 

1 .0 



16 0 





650 

10 HOC. 

1 0 




32 7 




950 

Conatant 

1 0 


35 8 

1 

48 7 

63 0 



1 





HYDHOCARHON. PER CENT EXPANMION 


726 

Constant 

1.0 






Complete 

6 








1 

decom- 

poaition 


750 

Constant 

' 0 


63.0 

88.8 

103 6 

Complete 


6 








tleeom- 

po.sition 



950 

Constant 

1 0 

3 7 

87 5 

144 0 

215 0 



6 

1100 

3 2 X 10" ’ aec. 

(50 mm.) 



109.0 





IKK) 

2 5 X 10 * see. 

(50 mm.) 


86 0 


15vS 0 



26 

1400 

3.0 X 10“* acc. 

(50 mm.) 

28.0 

186 0 

246 0 




26 


the initial temperature of decomposition was found to be 400®C. In the 
first temperature range, from 400° to 450°C., the products were methane 
and propene; fron\ 450° to 499°C. ethane and ethylene were additional 
products, the breaking of the 2-3 carbon-to-carbon bond being character- 
istic of this temperature range; above 499°C., hydrogen and butene were 
obtained in addition to the above hydrocarbons. These results were not 
confirmed (11) in a flow method at 365°C., owing to formation of ethane, 
ethylene, and hydrogen along with the predicted methane and propene. 
The results obtained with 7i-pentano (17, 19, 20) by the bulb method indi- 
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catcfi that the initial decomposition temperature was 391®C.; between 391” 
and 426°C. two groups of hydrocarbons were found in the ratio of 4 of 
group a to 1 of group b: 

(a) CHsCHa + CH 3 CH==CH 2 

(b) CH 3 CH 2 CH 3 + CH 2 =CH 2 

i’he second range of temperature was 426® to 450®C., the products of which 
included those obtained in the first range plus methane and unidentified 
butenes. The third range was 450® to 499®C., and the products consisted 
of the above hydrocarbons plus hydrogen and possibly a pentem'. Evi- 
dence against these claims was obtained (5) when n-pentan(‘ was pyrolyzed 
at 396®C., yielding Ci, C^, C 3 , Ci, and C 5 hydrocarbons and hydrogen. 

TABLE 2 


Pyrolysis of straight- and branched-chain paraffins 


CONDITJONH 

HYDHOi'AUBON, 

, PER CENT nSCOIIPOBlTION 

RKKin- 









■N('K N( 

Te*np. 

Time 

PreHSurc 


180- 

CMlio 

n-(TUjj 

im)- 

(Mf.i 

nco* 

CulUt 


T 

tiecoTida 

a' mosphfrfu 








82 :i 

48 39 

56 0 





28 

tV)5 

86 5 

48 39 


26 0 





56() 

1C 6 

0 1 




8 2,3 


5 

r)7r) 

20 5 

0 087 





4 0 

5 

575 

16 1 i 

0 1 



4 9 



5 

(KK) 

30 0 

1 0 

22 0 





12 

600 

27 0 

i 0 


22.0 




12 

650 

10.0 

1 0 

32 7 





21 

650 

11 0 

1 0 


26 7 

1 



21 


! 


HYDROC'AHOON. PUH CICNT BXPANHION 


1100 

2 r, X io-» 

(50 mm.) 

158 0 

142 0 

I 1 

28 


In spite of the disagreement concerning the relative stal)iliti(\s of different 
carbon- to-carbon bonds in normal butane and normal pentan(‘, the data 
offe? a comparison of the initial decomjiosition temperatun's of tiiose hydro- 
carbons studied, since the experiiiKTits were made under comparable condi- 
tions. Thus, the results show that the stabilities of butane (400®C'.), pen- 
tane (391®C.), and hexane (343®C.) decrease in this order. 

Data on the relative stability of straight- and branched-chain paraffins 
are presented in table 2, wdiich shows that n- and iso-butane have the same 
stability at 600®C., a result which should be checked, because at 555®, 650®, 
and 1100®C. isobutane is the more stable. Furthermore, it is shown that 
when isobutane is the more stable, it is so by a small margin except at 
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555°C. and 48.39 atriiosplieros pressure. Hence, it is concluded that at 
low j>n\ssur(; isobutane is slightly more stable, while under high pressure it 
is more than twice as stable as ?i-butane. In table 2 there are also data 

TAHLK 2a 


Dccom position of para [fins 
(20 por cent) 


HYDIiOCARUON 

TLMPBItATUnK 

TIME 

l>KR88URIi> 


“U 

Kfcondi 

atfno-ipheren 

Calle... 

000 

55 

1 

C,II« 

000 

2S 

7 

C.He 

1 050 

10 0 

1 

C,H.. . 

()50 

5 9 

7 

. . 

700 

! t 

1 

CaHa. ... 

700 

2 0 

7 

n-C'4Hio . . 

j 0(M) 

17 

1 


1 ()00 

1 

15 

7 


CmO 

5 5 

1 

n-C4nio 

()50 1 

5 2 

7 

is<)-C4ibo 

(mO 

4 0 

1 

iso-r.lI,n 

050 

4 5 

7 


TAHI.K 

Temperatures of initial decomposition if straight- and hranrhcd-chnin, paraffins 


IlyDRO(’AHIU»N 

TEMPERATURE 


"C. 

iHobutam* ... . 

428 

n-Hutano . . 

400 

rt-Pt*ntam* ... 

501 

Isopentane . . 

383 

7i-Hexane 

343 

2-Metliylp(*ntane ... . . 

339 


which show that the stability of neo-, ;i-, and iso-p(mtane decreases in the 
order named. 

The effect of pressure upon the relative stability of propane, a-butane, 
and isobutane (3a) is shown in table 2a. At 600° and 650°C., pressure 
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the resistance of propane and n-hutane to decompasition, while at 
650^^ and 700®C. in the case of the butanes the presMire effect is not so great. 

A comparison of the initial decomposition temperatures of straiglit- and 
branched-chain paraffins (17) shows that isobutaiie is more stable than 
butane, while w-pentane is more stable than isopentane and //-hexane more 
than 2-methylpentane. It is concluded that as the molecular wc'ight in- 
creases the difference in initial temperatures of decomposition for the 
normal and iso compounds decreases. The data wliich are rc'corded in 
table 3 show also that isobutane is more stable than isopc'iitaiu^ which is 
more stable than 2-methylpentane. It is, therefore, further concludetl for 
the hydrocarbons discussed that the stability decreases with an inen^ase in 
the molecular weight. 

The stability of the first three members of the paraffin s('ri('s is estab- 
lished, while the evidence for the C4, ('&, and Ce compounds is not so clear 
cut. However, the paraffins studied are placed in order of decreasing 
stability /is follows: methane, ethane, propane, isobutanc', butane, neo- 
l^entane, 7i-pentane, isopentane, ?i-hexan(‘, and 2-mcthyl])entane. 

Concerning the paraffins above the hexanes, tlu‘ experinuMits (3) on the 
thermal decompose ion of mixtures of hydrocarbons obtainc'd by fractionat- 
ing Pennsylvania petridoum which was made up largely of paraffins is to 
be noted. It was shown that stability was not always a din'ct function 
of the size of the paraffin molecule. It was concluded that “if stability is 
graphed against the boiling point of th(‘ ])araffins, there results a (*urve 
having the maximum stability at about 250° representing tlu* comi)ounds 
C12H28 to Cnllsj, minima at the low<‘st boiling points (('sHw t(» (^JH2n), and 
the highest boiling points (Ciyll^ to C23H48).^' 

STABILITY OF OLEFINIC H YI>HO(’AUBON8 
The olefiriic hydrocarbons undergo three iype reactions: (1) formation 
of higher hydrocarbons by polymerization or other naictions, (2) decom- 
position, and (3) isomerization. 

Polymerization and formaiion of higher hydrocarbon.^ 
Polymerization is a characteristic reaction of the olefins. The primary 
effect of heat upon an olefin is activation of tin* double bond, since^ th(^ aver- 
age value of 39,000 zt 4,000 calories in the polymerization j>roc(‘ss is much 
lower than the acti\ ation energies of the other bonds for cracking reactions: 
C=C, 125,000; C— C, 79,500; C— H, 93,000 calories. The data of table 4 
show the different values of the energies of activation of the C!==(y bond in 
the polymerization process, and 39,000 db 4,000 calories is taken as an 
average value. Thus, considering the energy of activation and assuming 
that the other energy requirements are satisfied, polymerization precedes 
decomposition, since the latter is so small that it can be neglected (27). 
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TABLE 4 


Energies of activation 


HYDROCARBON 

activated 

BOND 

BNBBOT or 
ACTIVATION 

REFERENCE 

NO. 

Ethylene ... 

o*c 

ealorie$ 

39,000 ± 4,000 

22 

Ethylene . . 

o-c 

37,700 ± 200 

13 

Propene 

c«=c 

38,000 db 500 

13 

2-Butene .... 

C=s^C 

38, (XX) ± 1,000 

13 

iHobutcne .... 

C«C 

43.0(X) db 1 ,(XX) 

13 

“Amylene” 

C=-C 

38.000 db 2,000 

13 

Ethane 

C— C 

79,500 

23 

Methane ... 

C-H 

93,000 

23 


TABLE 5 


Oil yield from olefinic hydrocarbons at constant feed rate 


OLEPIN 

TEMPERA* 

Tt'HB 

PRESENT 
rUANOB IN 
VOLUME 

CHUDB r)IL 
YIELD IN 
WEIOHT 
PER CENT 
or GAS 

PARSED 

PER CENT 
OP CHARGE 
DISAPPEAR- 
ING 


•c 

j)er cent 

xveight 
per ceni 

j>«r cent 

Ethylene , . 



i 



Propene . . .... 



1 



1- Butene. 

(XX) 

-23 

4 

12 86 

46.0 

2-Butene . 

000 

-25 

40 

5 20 

35 0 

Ethylene . . 

650 

-2 

7 

1 5 

10 1 

Propene. ... 

(>.'>0 

+4 

0 

5 25 

13 1 

1 -Butene ... 

650 

-10 

7 

29 82 

80.2 

2-Butene. ... 

a50 

-7 

46 

27 00 

80 0 

Eth^'lene . . 

700 

-15 

25 

12 25 

33 8 

Propene 

700 

10 

U 

20 36 

54 4 

1-Butene ... 

700 

30 

0 

35 83 

97 9 

2-Butene. 

700 

27 

40 

37.00 

97 4 

Ethylene .... 

750 

-16 

40 

28 24 

52 4 

Propene. 

750 

20 

.0 

35 60 

89 6 

l-Butene. . 

750 

43 

90 

39.62 

98.7 

2-Butene 

750 

38 

90 

39 62 

97 9 

Ethylene ... 

800 

-11 

80 

36.10 

71.0 

Pro|>eiie . . 

800 

30 

0 

40 6 

98.5 

1-Butene 

800 

57 

0 

39 45 

99.0 

2-Butene 

800 

52 

8 

37.90 

99.5 
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A similar conclusion, namely, that the formation of higher hydrocarbons 
is ihe predominant reaction, is reached from the data (2) of table 5, in 
which it is recorded that the volume decreases at 600^^ and 650®C. during 
the pyrolysis of 1- and 2-butene. Furthermore, the data at 600®, 650®, 
and 800®C. show that 2-butene is more resistant to oil formation than 1-bu- 
tene, w'hile at 700®C. the opposite is true, and at 750°C. they behave in the 
same way. The data show also that combination is tlu* ])riinary reaction 
for ethylene from 650® to 800®C. and that it undergoes this n^action to a 
smaller extent than propene, which in turn yields less oil than the but(Mies 
except at 800®C. Thus at 350°(\ the order of decreasing stai>ility toward 
the formation of higher hydrocarbons is: ethylene, propeiu', 2-butene, and 
1-biitene; at 800®C'. propene and the butenes show about the same stability. 

TABLK () 


Foi mation of higher hydritcarhons from olefinic hydrocorbotis 


UTDPOC ARBON 

TKMPKRA- 

TtIKK 

TIMB OK 
CONTA<T 

1‘liKHHlMtK 

('ONVKRMION 


•e. 

initiulfM 

lb». fur 

ivnght 




%n 

per cent 

KtJiylono 

371 

18 7 

2m) 

21 () 

PropLMio 

371 

IS 2 

2000 

5 0 

Kthylem. . 

395 

i) 

3(KK) 

40 4 

Propeno 

399 

() 4 

3(K)0 

12 7 

Kthylone . 

455 

5 3 

3000 

59.3 

Propene .... 

457 1 

5 3 

3(X)0 

43 4 

Ethylene 

45C) 

4 1 

51K) 

20 0 

Propene 

455 

5 7 

rm 

10 3 


It should be pointed out that the maxijiium yield ; of liquids from ethyl- 
ene, propene, 1-butcne, and 2-butenc require temperatures of 810®, 790®, 
775®, and 755®C., respectively. This shows that 1-butene is more sta))lcj 
than 2-butene by 20®C., which contradicts the al)Ove conclusion. This 
difference is probably due to difference in experimental metliods used. 

A comi)arison of the stabilities of ethylene and proia ne at pn'ssures 
from 500 to 3000 lbs. per square inch .showed (25) that ethylene was con- 
verted to liquids to a greater extent than propene when tn‘ated under the 
same conditions. This conclusion is opposite to the ones above, and it is 
difficult to explain except by differences in experinumtal method or i>res- 
sure. The data are summarized in table 6. 

Decomposition 

The second type reaction in pyrolyzing olefins is decomposition; in this 
connection the double-bond rule (24) should be mentioned. To illustrate 
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this rule, the pyrolysis of 1- and 2-butenc (9) may be explained. Since the 
C=C bond is the point of strength during olcfinic decomposition, the adja- 
cent C — C bond (a) will be stronger relatively than the C — C bond one 
rcmov(Ml iP) from the C=(' linkage, and alternate strong and weak C — C 
bonds will continue along the chain, the effect diminishing as the dis- 
tance from the double bond is increased. Thus, for example, 1-butenc, 
CH2=C'HCTl2CH3 is less stable than 2-buiene, CH3CH=CHCH3, because 
the latt(T has no beta carbon-tf>-carbon bond. 

On the basis of this assumption the products obtained during the* pyrol- 
ysis of 4-methyl-l-pentene (preponderance of propone over ethylene) are 
explained: if the a-bond is broken ethylene would be? the most important 
prcKluct, 

a 

I 

CH3- CH— CH2H CH=CH2 

I 

VUs 

while if the ^-bond broke then propene would be predominant. 

1 

Vlh CH-|-CIl2-CH==CH2 

i ' 

CH, 

Th(» latter is the (*xperiinental fact and is in harmony with the rule. Fur- 

a a 

thermore, the* greater stability of 2-butene (C — C=C C) and isobutene 

C 

«l 

(C— C=C) 

ov(‘r 3-methyl-l-pentene (7) 

0 a 

c— c:— c— c=c 
I 

J 

0 

is visualized when their skeletons are compared, since the latter has a C — C 
bond. On the other hand, 1-butene is more stable than isobutene (27) at 
1100®C. and the opposite is true at 650®C. (10). 

The results obtained in decomposing olefins are recorded and discussed 
according to the experimental method used. Any differences in conclu- 
sions may be partly explained on this basis. 

The initial temperatures and the relative extent of decomposition as 
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rut "iMired by means of a static (bulb) method show that ethylene is the 
most stable of the normal olefins studied, requiring the highest temperature 
of 380® to 400°C. The results (2) are summarized in tables 7 and 8, re- 
spectively, which show that the stability decreases in the order: ethylene, 
propene, 2-butenr, and l-butene. 

losing a (lifTerent experimental bulb method (20) the initial temperatures 
and extents of decomposition were measured for the pent<*n(\s (18). The 

TABLE 7 


Temperatures of initial decotnposition of olefinic hudrocarbons 
(Bulb mothod) 


OLUriN 

TRMPKltATl 

Ix)wpr 

’HK RANGB 

Upper 


•0. 

•c. 

Ethyhnu* . . 

aso 

4(H) 

Proponr .... .... 

.r)7 

:i75 

2 But('no. . ... 

350 

375 

l-i<utonc . . ... 

I 

350 


TABLE 8 

Per cent derinnposiiion of olefinic hydroearhom 
(Bulb method) 


tempkuatitkk 

] 

TI.MB 

PBK C ENT OErOMPOBlTlON 


CiH. 

UML 

2-C'4Hi 

"C 

nnnutrH 





375-580 

360 

0 0 

1 

2 0 

7 1 

5 3 

5(K) 

5(K) 

45 

39 

6 8 

11 5 

1 

11 5 

12 1 

600 

rxKJ 

12 

28 3 

52 8 

58 7 

53 2 

700 

1 

2.> S 

64 8 




results showed that trimethylethylene was more stable than 2-pentene, 
which was more stable than 1-pentene. 

The results (2) obtained in flow experiments are summarized in table 9, 
and show that from 650® to 900®C. the 1- and 2-but(‘nes are of the same 
stability and that they are more susceptible to heat than prop(*ue and 
ethylene. At 600®C., however, 2-butene is more stable than l-butene. 
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Other flow experiments (8, 9, 10), shown in table 10, include the work 
performed at 050° and 700°C>. "fhe results show that 2-pentene is less 
stable than isobutene at 700°C.; at 650°C. the order of decreasing stability 
is properK*, isol>iitene, 2-butenc, and 1-butene. 

TABLE 9 


Per cent decomposition of olefinic hydrocarbons 
(Flow mothod: constant feed rate) 



PER CENT OETOlfPOBITtON 


c’,n4 

CilU 


2 -C 4 H. 

"t;. 

hoo 



45.9 

35.0 

()5() 

10 1 

13 0 

80.2 

80.0 

700 

‘Xi 8 

.54 4 

97.9 

97.4 

VA) 

.")2 4 

89 6 

98 7 

97.9 

800 

71 0 

08 5 



8.')0 

88 0 


90.1 

98.8 

<K)0 

95 i 


99.1 

98 4 


TABI.E 10 

Per cent decomposition of olefinic hydrocarbons 
(Flow method) 



The stud\'^ (27) of the lower olefins at a high temperature (1100°C.) 
and short contact times (0.002 to 0.014 second) showed that they fall into 
two groups, namely, ethylene-propene and the butenes, the latter being less 
stable. The data show that ethylene is much more resistant to an in- 
creased contact time than propene and the butenes. The order of decreas- 
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ing .-t.-ihiUty is othylone, j)ropone, 2-butrno, 1-hiitono, and isohutono. The 
lower stability of isobutene as compare<l with 1- aiul 2-butone is eontradie- 
tory to the conclusion from table 10. Here, again, tln're may be some 
variable factor which thus far has eluded the various investigators and 
^\hich is being recalled by ‘MifTerenees in the experimental method/* 
However, it is to be noted, in tliis ease, that there is a difference in the 
pressure. The results are summarized in table 11. 

homcrizatioji 

In conueetion with isomerization of the ohTins, it has b(‘en shown that 
at 600° to 650°C. the isomerization of 1- and 2-buteiH‘s tak(‘s place with 
about the same ease (9). In tin* cas(» of the pentem's, l>p(‘nt('ne yields 

TABLE 11 


Per cciit (h'rinnposi t nm of ole Jim c hydrocarbojia at ll()(PC. find HO nun. preanure 


OI.EKIN 

CONTACT TIMB 

X 10* 

1*KH ». KNT 
nBCOMPOAKn 

( ONTACT riMK 

X 10* 

mil CENT 

UKCOMVmKD 



per cent 


per cent 

Ethylene 

2.2 

23 0 

6 1 

34 .2 


4.1 

24 0 

14 0 

46.2 

Propeno 

2 2 ! 

27.4 

5.8 

05.6 


4.3 

55 0 

12 0 

71.8 

2-Butene 

to 

67.0 

5 8 

85.5 


3.0 

77 2 

ll.O 

91 .0 

1 -Butene 

1 9 

69 6 

7 9 

89.9 


3 7 

89.3 

13 0 

95.2 

Isobutene 

2 8 

71.7 

7.1 

98.1 


4.0 

92 2 

11 0 

100.0 


2-pentent* and vice versa (7) at 550° to 600°(y., and under the same condi- 
tions isopropylethylene and trimethylethylenf^ were formed fn.m 2-pentene; 
above 450°C. isopropylethylene yielded trirnethylethylene (18). Thus, it 
is observed that the branched pentenea are more resistant t(» heal than the 
normal pentenes, and that the normal butenes are more stabl(j than the 
normal pentenes. These changes may be summarized as follows: 

Buteiies 

aoo-(>5ox\ 

CH2=CHCH2CH3 CHaCH -CHCHa 
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Pentenes 

550 - 600 *^ 



Tbr study of th(* rolativo stability of the olofinic hydrocarbons is com- 
plicated by their ability to form higher hydrocarbons by polymerization 
or other reactions, decomposition, and isomerization. 

The relative stability toward li(iuid formation has been measured from 
600° to 800°(>, At 60()®C. the stability decreased as follows: ethylene, 
propene, 2-butenc, and 1-butene; at 800°C. ])ropene formed liquid to the 
same extent as 1- and 2-but('ne. Thus it is seen that with increasing 
temperatures these olefins ai)])roach the same stability. On the other 
hand, at 371° to 457°C. and high pressures ethylene is less stable toward 
polynKM’ization than propeiH'. These contradictory conclusions may be 
explained by diffenmees in expcTimental method as well as hy differences 
in tic conditions. 

Th(‘ primary decomposition of olefins is negligibl(» compared with the 
polymerization and is, therefore, not a fair measure of their relative sta- 
bility. However, when based upon the extent of and initial temperatures 
of decomi)osition the following order of decreasing stability is estimated 
at 600° to 700°C.: ethylene, prop<me, isobutene, 2-butcne, 1-butene, tri- 
methylethyl(Mi(», 2-pent(‘ne, and 1-pentene, while at 1100°C, isobutene was 
found to be less stable than 1-butene. 

The meager data reported for the relative stability toward isomeriza- 
tion lead to the conclusion that 1- and 2-pentene arc less stable than 
1- and 2-butene. The pentene stability decreases in the order trimethyl- 
ethylene, isopropylethylene, 2-pentene, and 1-pentene, while 1- and 2-bu- 
tene are about equally stable. 

The relative stability of the butenes offers a test of the double-bond 
rule. Thus isobutene and 2-butene should be more stable than 1-butene 
because the latter luis a beta carbon-to-carbon bond. Such was found 
to be the case at 650°C., while at 1100°C. and 50 mm. pressure isobutene 
was the least stable. 
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STABILITY OF DIOLEFINIC HYDROCARBONS 

T. he lower diolefins of botli tlie allene and the e(»njuf!;ated types are gener- 
ally more susceptible to polymerization and dec’omposition than monodle- 
fins. Most of the study has been devoted to polymerization, but under 
conditions which permit of few eomparisons. 

Allene was found (16) to decompose to the ('xt(ait of 80.5 per cent at 
500°C. and 86 seconds contact time, 90 per cent of it forming liquid prod- 
ucts. Methylallene, on the other hand, which was completely d<‘Coin- 
posed at 500°C. and a contact time of 36 to 37 seconds was convert ('d (10) 
into 73.0 per cent liquid, the l)alanc(» being gas. Thus, alhaie is more 
susceptible to ])olymerizati()n and more n'sistant to de(*omposition than 
methylallene. l)i-, tri-, and tc'tra-rnetliylallenes polym(‘riz(' (14,15) at 
about 150° to 175°C. if the contact tim(‘ is long enough. 

Butadiene slowly polymc'rizes at room temperature (29). The influ- 
ence of tl)(' j)osition of methyl groups on the polymerization of l)utadienes 
has been demonstrated (31) with the n'.sult that the dinu'thylbutadienes 
WTwe found to possess stabilities increasing in the following ordc'i*: 2,3-, 
1,2-, 1 ,1-, 1 ,3-, and 1 ,4-dimethylbutadiene. Thus, as tlu‘ nu'tliyl groups 
are moved from the eent(‘r of the molecule th(' stal)ility incnaises. The 
data are summarized in table 12. The tetra- and hexa-methylbutadi(‘nes 
possess less t(‘ndency to jmlymerize than do th(' dinu'thylbutadienes (31). 

STABILITY OF PARAFFINIC AND OLEFINIC HYDROCARBONS 

A comparison of the relative stability ol the paraffins and olefins is only 
qualitative even when the best conditions an* obf aim'd, owing to th(* fact 
that the former undergo decomiiosifion as the primary reaction, while the 
olefins polymerize and with them d(*composition is a secondary ri'action. 
Thus, in the following discussion the concm.sions from ditT(*rent experi- 
mental results are occasionally contradictory, ami a (*omi)arison waiuld 
not be justified. It seems best, therefore, to interpret each s(*t of data 
independently and to await improv(*ment in exi)erim(*ntal results Ix'fore 
generalizing too sharply. 

A comparison of the relative stability of tia* paraffins and olf fins wdien 
based upon initial temperatures of d(*com])osition as measured by a change, 
of pressure wdien heated for six hours in a silica bulb shows t liat the paraffins 
are more stalile. A summary of the results (2) is jirescnted in table 13. 

Using a .static method and a heating tiriu* of one h<»ur the C '5 ol<;fins, 
except 1-pen tene, were more stable than tin? corn'sponding paraffins. 
The data (17) are recorded in table 14, 

The results of a direct comparison ba.sed upon per (^ent di^compo.sitiori 
of isobutene and isobutane (12) are shown in table 15; from these results 
it was concluded that isobutene is the more stable. 
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The r(\sults summarized in table 16 show that at 1100°C. and a given 
contact time the expansion is greater from the pyrolysis of a paraffin (26) 


TABLE 12 

Polymerization of dimethylbutadienes 
(At 100®C. for 30 days) 


Position of methyl groups in dimethyl- 
butadiene 

2,3- 

1,2- 

1.1- 

1,3- 

1,4- 

Per cent polymerized 

100 

91 

57 

51 

33 

Per cent converted to dimer 

54 

5:^ 

43 

32 

20 

Per cent converted to higher polymer. . 

46 

38 

14 

19 

12 

Mean molecular weight of higher 
polymers 

1377 

919 

432 

1334 

795 


TABLE 13 


Temperatures of initial decomposition (°C.) of parajffinic and olefinic hydrocarbons 


HYDROCARBON 

TKMPERATURB RANQB 

lA)wer 

Upper 

Methane 

•c. 

540 

•c. 

675 

Ethane 

450 

485 

Propane 

425 

460 

n-Butane 

400 

435 

Ethylene 

380 

400 

Propene 

357 

375 

2-Butene 

350 

375 

1-Butene 

325 

350 



TABLE 14 

Initial temperatures of decomposition of paraffinic and olefinic hydrocarbons 


HYDROCARBON 


INITIAL 

TBMPBRATURE OF 
DBCOMPOSITION 


1- Pentene. 

2- Pentene. 
n-Pentane 


“C. 

389 

400 

391 


2-MethyI-2“butene 
2-Methyl butane. . . 


433 

383 


than from the corresponding olefin (27). However, it should be pointed 
out that an olefin cannot be completely decomposed to yield as great an 
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expansion as a paraffin, because each mole of olefin contains 1 less 
mole of hydrogen than the corresponding paraffin. 

The data (2) of table 17 lead to the same conclusion as those of table 16. 


TABLE 15 

Decomposition of isobutene and isohutane 


HYDROCARBON 

TEMPERATURE 

CONTACT TIME 

DECOMPOSI- 

TION 


•c. 

seconds 

per cent 

Isobutane 

600 

24-26 

20-25 

Isobutene 

600 

18 

1.2 

Isobutene 

600 

198 

20.0 


TABLE 16 


Per cent expansion at 1100°C. of paraffinic and olefinic hydrocarbons 


HYDROCARBON 

EXPANSION 

CONTACT TIME 

X 10 * 


per cent 

seconds 

Ethane 

86 

2.5 

Propane 

109 

3.2 

Isobutane 

142 

2.5 

n-Butane 

158 

2.0 

Ethylene 

3 

4.1 

Propene 

24 

4.3 

2-Butene 

62 

2.5 

1-Butene 

65 

3.7 

Isobutene 

95 

2.5 




TABLE 17 

Per cent expansion at constant feed rate of paraffinic and olefinic hydrocarbons 


PER CENT EXPANSION FOR BACH HYDROCARBON 


TURB IN ’C. 

CiHi 

CtlU 

C»H, 

C«Hi 

n-CiHio 

i-C*IIi 

2-C4H1 

700 

32.7 

-15.25 

52.5 

10.0 

87.5 

30.0 

27.4 

750 

63.0 

-16.40 

88.8 

20.1 

103.6 

43.9 

38.9 

800 

63.9 

-11.80 

105.0 

30.1 

140.0 

57.0 

52.8 

850 


+ lr3 

106.0 

46.2 


73.9 

68.3 

900 

1 

71.0 

+13.1 

119.0 

64.2 


104.0 

100.0 


From table 18 it is concluded that under atmospheric pressure the olefins 
yield maximum quantities of liquids at a temperature from 65° to 85°C. 
lower than the corresponding paraffins, but it is to be noted that the 
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paraffins must partly, at least, undergo decomposition before liquids can 
be formed. 

Specific conclusions concerning the relative stability of paraffins and 
olefins can be made only from strictly comparable data which are not 
available as yet. Even a comparison of the conclusions based upon present 
information leads to some inconsistencies. In order, therefore, to obtain 
the valuable data that measurement of relative stability offers, further 
and more complete investigations are necessary. 


TABLE 18 

Temperature of maximum production {2) of liquid from paraffinic and olefinic 
hydrocarbons at atmospheric pressure 


HYDROCARBON 

TEMPERATURE 
FOR MAXIMUM 
lAQUJD 

Ethane 

•c. 

890 

Propane 

865 

n-Butane 

840 

Ethylene 

810 

Propene 

790 

775 

1-Butene 

2-Butene 

755 



CONCLUSIONS 

1. The relative stability of the paraffins toward decomposition decreases 
in the following order: methane, ethane, propane, isobutane, butane, 
neopentane, n-pentane, isopentane, n-hexane, and 2-methylpentanc. 

2. At 600°C. the stability of the olefins toward the formation of higher 
hydrocarbons decreases in this order: ethylene, propene, 2-butene, and 

1- butene; at higher temperatures the specific behavior is lost and they 
are of the same order of stability. At 371° to 457°C. under high pressure, 
ethylene is less stable than propene. These differences are probably due 
to different experimental methods or conditions. 

3. Toward decomposition the following order of decreasing stability is 
estimated at 600° to 700°C. : ethylene, propene, isobutene, 2-butene, 1-bu- 
tene, trimethylethylenc, 2-pentene, and 1-pentene; isobutene was found 
to be less stable than 1-butene at 1100°C, and 50 mm. pressure. 

4. Toward isomerization 1- and 2-pentene are less stable than 1- and 

2- butene, which are about the same. The pentene stability decreases in 
the order: trimethylethylene, isopropylethylene, 2-pentene, and 1-pentene. 

5. The diolefins are more susceptible to polymerization than the mono- 
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olefins. The dimethylbutadienes become more stable as the methyl 
groups are moved from the center of the molecule. 

6. Specific conclusions as to the relative thermal stabilities of paraffins 
and olefins are not wholly warranted as yet, because strictly comparable 
data are unavailable. 
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The development of knowledge in all branches of physical, analytical, 
and inorganic chemistry has been so rapid in recent years that it is difficult 
for any individual to keep in touch with the advances in the fields outside 
his own specialty. With the desire to perform a service to its members and 
to chemistry, the Division of Physical and Inorganic Chemistry of the 
American Chemical Society has taken upon itself the organization of 
symposia whose purpose is the correlation of the advances of research in 
the several fields of its scope and the provision of authoritative and critical 
summaries of those subjects which have had at the same time consistent 
and rational development and far-reaching consequences. On this occa- 
sion we seek to coordinate the knowledge which has become available on 
the subject of the dielectric properties of matter. Enough of a theoretical 
background is given so that the reports to follow may serve as a stimulus 
for investigators and investigations in this important field. Further, it is 
hoped that useful conclusions have been reached which may prove of value 
to scientists and engineers confronted with some practical problem. 

The first attempt to describe the dielectric constant as an atomic or 
molecular property is found in the classical theory of Clausius-Mosotti, 
according to which the volume actually occupied by the molecules is related 
in a simple way to this constant. The molecules were considered as con- 
ducting spheres, and it is not surprising that it has been necessary to modify 
the Clausius-Mosotti statements by the electron theory and by the dipole 
theory of dielectric behavior. 

The electron theory considers the molecules in a dielectric to be neutral 
systems of positive and negative electricity, which are bound by quasi- 
elastic forces with the center of the positive charges at the same point 

1 Held by the Division of Physical and Inorganic Chemistry at the Ninety-second 
Meeting of the American Chemical Society in Pittsburgh, Pennsylvania, September, 
1936 . 

163 


CHBMICAL RBVIXWSi VOL. 19, NO. 3 



164 


J. W. WILLIAMS 


within the molecule as the center of the negative charges. If such a mole- 
cule is brought into an electrical field it is polarized, and the molecule 
contains an induced electric moment. Dielectric constant at zero fre- 
quency € and molar polarization P can be shown to be related by the same 
formula which has come to be known as that of Clausius-Mosotti, that is, 


P = 


trl K 

€ -[- 2 d 



In this formula a is the molecular polarizability, or the electric moment in- 
duced by a field of unit strength, and the other symbols have their usual 
significance. 

According to this formula the molar polarization ought to be independ- 
ent of density and of temperature. If the dielectric constants of gases or 
vapors are measured at constant density, it is found that for some gases 
the molar polarization is really constant, but in other cases it decreases 
with increasing temperature. The substances of the second kind or class 
have high dielectric constants and low refractive indices, the Maxwell 
equation e =71^ is not obeyed, and the molar refraction is smaller than the 
molar polarization. 

In proposing what has now come to be known as the dipole theory Debye 
(2), in an article published in 1912, modified the Clausius-Mosotti law in 
such a way as to give an explanation of this and other difficulties. The 
assumption was made that although the molecule is uncharged, the center 
of the positive charges may not be at the same point as the center of the 
negative charges. If this occurs the molecule has a permanent moment, 
and now can show a polarization not only by electron and atom displace- 
ments or distortion, but also by orientation in the electrical field. Further- 
more, it may be expected that the amount of orientation created by the 
field will be larger the smaller the disturbance due to temperature motion. 
Debye went on to establish the quantitative law for the dependence of 
orientation with temperature, so that it became passible to obtain the 
absolute value of the electric moment of gases and properly dissolved 
molecules from a measurement of the temperature variation of the dielec- 
tric constant and density in such systems. This quantitative law takes 
the form, 


P = 


c- 1 
€ + 2 


M 

d 






in which n is the electric moment of the molecule. According to it the 
molar polarization is made up of two parts, one due to electron and atom 
displacement which is independent of temperature, and another resulting 
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from the orientation of the permanent moment which is a function of the 
temperature. The formula will be correct insofar as we can represent the 
energy of the molecule in an electrical field as a function of no higher than 
the second degree in the field components and can consider only the most 
important part of the mean electric moment which is proportional to the 
field of electric intensity. 

An immediate consequence of the new theory was the explanation of the 
anomalous dispersion or decrease of the dielectric constant with increase in 
frequency first observed by Drude (4) for liquids in which, as was inferred, 
the molecules contain special atomic groups like OH and NH 2 . Debye 
(3) reasoned it to be probable that the characteristic property of the liquids 
with anomalous dispersion in the radio-frequency range is the polarity of 
their molecules, and that the effect represents the transition of the com- 
bined orientation and distortion to a pure distortion of the molecules. A 
quantitative description of the frequency variation of dielectric constant 
in liquids was here given. 

Now, almost twenty-five years later, we know the modified Clausius- 
Mosotti equation which describes both temperature and frequency variation 
to be entirely consistent with the latest quantum theory, and, except in a 
few special cases, to be fully substantiated by experiment. For reasons not 
apparent these explanations of temperature and frequency dependence of 
dielectric constant did not become immediately and widely known. But 
about a decade ago attention was again called to them, this time in two 
monumental works, an article in the fifth volume of the Marx Handhuch 
der Radiologic and a monograph. Polar Molecules, both written by Debye; 
at the present time the scope of the subject has been greatly broadened and 
many important and unique applications have been made to problems of 
chemistry, physics, and electrical engineering. Because we believe an 
acquaintance with and a study of this subject to be of value to members 
of this Division, we have arranged a program to indicate some of the many 
and varied uses to which the dipole theory has been and will be put in the 
solution of chemical problems. 

Our study may be divided in several ways. We propose here to consider 
at the same time the actual dielectric behavior of gases, liquids, and solids; 
electrolyte, non-electrolyte, and dipolar ion solutions; and the application 
of these ideas to give information about other properties of the several 
systems. In the arrangements the breadth of the subject has proved a 
source of considerable difficulty, and it is only to avoid congestion of the 
program that other important contributions to the subject have been 
omitted. Especially deserving of mention are recent contributions of 
Fuoss and Kraus and of Onsager. 

In the opening paper Debye gives an account of his recent important 
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work having to do with the properties of pure liquids. It is pointed out 
that while there remain no essential difficulties in describing the dielectric 
behavior of gases, the theory developed can not be applied to pure liquids 
without considerable modification. Binding forces between molecules 
become of such significance that molecular rotation is restricted and 
the liquid assumes a quasi-crystalline character. The successful cal- 
culation of this binding energy is a large factor in bringing the theory 
abreast with the rapid progress which has been made in experimental 
researches having to do with effects of electrical saturation, anomalous 
dispersion, electric double refraction, interference maxima in the scattering 
of x-rays, association, specific heat, and other properties, all in the liquid 
state. 

Many of the configurations of which molecules arc constituted are 
strongly polar in character. In the compounds of organic chemistry the 
dipole moment of these groups proves to be largely independent of the 
length of the non-polar hydrocarbon chain to which they are attached. 
The moments of the groups are additive as vectors, with the result depend- 
ing upon the configuration of the molecule. Thus once more a physical 
chemical theory finds important application and utility in the chemistry of 
organic compounds. The Division is fortunate in having a distinguished 
English chemist, N. V. Sidgwick, to consider in detail the relationship be- 
tween electric moment and molecular structure. This application of the 
Debye dipole theory to problems of molecular configuration was early 
recognized, thoroughly understood, and skillfully used by him. 

The available data for the dielectric constants of gases at higher den- 
sities are of interest in the theory of dielectrics. Keyes and Oncley show 
that the results of most investigators are in agreement with the observa- 
tion that the polarizability of compressed gases may increase by several 
per cent in some cases, although the simpler gases show little, if any, 
change. The origin of this increase in polarizability and its significance to 
the theory of dielectrics and problems involving the molecular field are 
discussed. 

The electric moments of molecules are estimated usually either in the 
gaseous state or in non-polar solvents. With the contribution of Debye 
contained in this volume as an aid, we can look forward to the time when 
molecular behavior in polar solvents will be described, but until now there 
is no completely satisfactory theory for such polar solutions. In spite of 
this fact experimental research has made rapid strides, and certain im- 
portant relationships have been made apparent between the polarity of 
molecules and the dielectric constants of these solutions. In this field the 
work of Wyman has been outstanding. He summarizes here the various 
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methods which can be used, and presents data which reveal great regularity 
and simplicity of behavior. 

The amino acids and proteins are constituted of a relatively small num- 
ber of chemical groups. Recognition of this fact and the realization of its 
significance has enabled Cohn to point the way in one of the most active 
fields of research in all biochemistry. In clear and lucid fashion we are 
shown that the electrostatic forces in biological systems must be considered 
to involve not only ions but also the dipolar ions. Here, then, the activity 
coefficients reflect not only Coulomb forces but also the space properties 
both of ions and of dipolar ions. Since electrostatic forces surrounding ions 
are of longer range than those surrounding dipolar ions, whereas the latter 
are larger and contain an appreciable proportion of non-polar groups, inter- 
action between ions, between ions and dipolar ions, and between various 
dipolar ions reflects such forces as the so-called “salting-out effect” the 
more, the larger the volume of the dipolar ion in comparison with its elec- 
trical moments and the greater the dielectric constant of the solvent. 
These effects are therefore being studied at high dielectric constants in 
systems containing many components. 

In chemistry the extraordinary importance of solubility is universally 
recognized. Much of the recent progress made in solution theory has re- 
sulted because investigators have learned how to take into account the 
polarization, dispersion, and repulsive forces between the ions, and the 
forces of interaction between ions and solvent molecules, and between 
different solvent molecules. In short, the foundation of a general theory 
of intermolcoular forces has been laid. 

The two contributions which follow are concerned with solubility prob- 
lems. In the first of these, Kirkwood treats the statistical mechanics of 
liquids and liquid solutions in convincing fashion. Relations between the 
more important thermod)mamic functions of fluids, and the potentials of 
intermolecular force are formulated in terms of the probability distribution 
function of molecular pairs. The potential of average force, which de- 
termines the distribution of pairs, satisfies an integral equation, which has 
been solved in certain cases. Special attention is devoted in one of the 
chapters of this article to a consideration of the nature of the Debye- 
Hiickel method and its application to electrolytes and to mixtures of elec- 
trolytes and dipole ions. The treatment shows Debye's theory to be a 
direct, proper, and logical consequence of statistical laws; at the same time 
it suggests the ways for its elaboration in more complicated systems. 

Numerous investigators have attempted to treat theoretically the 
properties of concentrated solutions of strong electrolytes. Profound 
knowledge of the statistical mechanics of solutions and long continued 
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effort have enabled Scatchard to make contributions of importance to this 
difficult subject. In the present instance it is shown that if the dielectric 
constant appearing in the Debye electrolyte theory behaves like that of a 
polar-non-polar mixture, the thickness of the ion atmosphere is propor- 
tional to the square root of the volume of the solvent. The chemical po- 
tentials in aqueous alkali halide solutions now may be calculated from the 
radii of the ions and two other parameters. Where more complex ions are 
involved much progress is made by the application of a general theorem of 
statistical mechanics, the Debye-Hiickel limiting law, and an extension 
of the Broiisted principle of specific ion interaction. 

In his theory of the frequency behavior of the dielectric constant, we 
have seen that Debye could explain the anomalous dispersion in liquids 
known since the experimental work of Drude. A problem now attracting 
much attention has to do with anomalous dispersion effects in certain crys- 
talline solids and its theoretical explanation. In his admirable review of 
the dielectric constants of solids, Smyth points out that the molecules of 
some solids possess freedom to turn in an electrical field so as to orient their 
dipoles in the field and give a high dielectric constant, like that of a 
polar liquid. In ionic solids the dielectric constant is high because the 
displacement of ions in a field occurs more readily than that of electrons 
bound in a molecule, but in molecular solids the shift of charge is mainly 
a displacement of electrons and the susceptibility is low. 

Pioneer work of Bronsted (1) dealing with the effect of the concentration 
of electrolyte upon reaction rate, has given new impetus to the study of 
the effect of acids and bases in catalyzing certain reactions. With this 
work as guiding principle, exact kinetic data for such reactions as the de- 
composition of nitramide, the inversion of sucrose, and the mutarotation of 
glucose have received ready interpretation. In the report which forms the 
last article of the proceedings, La Mer describes studies of these reactions 
in deuterium oxide, which lead him to conclude that the kinetic effects are 
primarily the result of displacements in the exchange equilibria between 
proto and deutero forms of the substrate or of the catalyst. The impor- 
tance of exchange reactions in solution is demonstrated as well in the case 
of certain electromotive force studies. Conductance change as solvent is 
varied from ordinary water to deuterium oxide is determined by the vis- 
cosity difference. 

The consummate skill with which Debye was able with his dipole theory 
to remove the difficulties of the Clausius-Mosotti and electron theories, 
and to explain the anomalous dispersion effects, constitutes one of the most 
brilliant achievements in all physical chemistry. In printed article and by 
personal association he has suggested applications of this theory which have 
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meant much in the development of modern physical and organic chemistry. 
We consider it fitting, then, that we dedicate to liim this printed record of 
the proceedings of the symposium. 
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1. There arc now no essential difficulties in understanding the dielectric 
properties of gases at sufficiently low pressures, if one takes into account 
the fact that the molecules are not only polarizable but can also be oriented 
because of the existence of a permanent electric dipole. The same situa- 
tion exists also for dilute solutions of polar molecules in non-polar solvents, 
if we neglect small corrections arising from the effect of the solvent. The 
situation is quite different, however, when one tries to understand on the 
basis of the theory developed for gases the dielectric properties of the 
common pure liquids in which the molecules approach each other closely. 
Particularly impressive is this complication in the case of liquids with 
relatively small, highly polar molecules. However, it must b(‘ stressed 
that the complications arc not confined to this particular limiting case. 
They appear, even if not in such a striking fashion, in the case of all liquids, 
even the non-polar ones, and clearly have as their origin the mutual influ- 
ences of the neighboring molecules, which arc not necessarily connected 
with the existence of permanent dipoles. 

2. It is clear then that the main problem in the understanding of pure 
liquids is the interpretation of the mutual interactions between the mole- 
cules. A very striking example of these general considerations is water. 
The molecule H 2 O is polar and has a dipole moment equal to 1.84 X 
10"'® electrostatic units, according to measurements made with water 
vapor. This enables one to calculate the molecular orientation-polari- 
zation, with the aid of the well-known equation 
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in which N is the Avogadro number, /x is the moment, k is the Boltzmann 
constant, and T is the absolute temperature. Thus the theoretical value 


^ This pap(^r was also doliverod at the Tercentenar}" Conference of Arts and 
Sciences at Harvard University, .September, 1936. 
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of Po is equal to 71 cc. The experiments with liquid water give, however, 
a dielectric constant € = 81, and from this, using the equation 


P = 


€- I M 
€ -j- 2 d 


( 2 ) 


one obtains for liquid water the total molecular polarization P = 17 cc. 
In this equation M is the molecular weight and d is the density. Part of 
this value is to be ascribed to the polarizability of the molecules and not 
to their orientations. This amounts, as one knows from the optical 
refractive index measurements, to about 4 cc. Hence in contrast to the 
calculated value Po = 71 cc., one obtains from the experiments for the 
liquid only Po = 13 cc. as the orientation-polarization. One cannot be- 
lieve that the dielectric properties of a water molecule can be influenced to 
such an extent by the close proximity of the other molecules. It is much 
more natural to believe that in the liquid the orientation of a molecule is 
influenced by its neighbors while measurements in the electric field are 
being made. Accordingly, equation 1, which presupposes completely free 
rotation, should not be applied to liquids without large corrections. A very 
beautiful example of how such corrections become of practical importance 
when the molecules approach each other is to be found in the measure- 
ments of the dielectric constant of sulfur dioxide at high densities by Ever- 
sheim (1902). At a temperature of 150°C. and a density of 6 = 0.76 g. 
per cubic centimeter a value Po = 33 cc. is found for the orientation-po- 
larization, whereas from the known dipole data one calculates Po = 37 
cc. Here the two values are still quite close together. However, at a 
temperature of 14.5°C. and a density of 5 = 1.39 g. per cubic centimeter 
the value Po = 27 cc. is obtained, while the theoretical value is Po = 55 cc. 

A study of the electric double refraction (Kerr effect) shows very clearly 
that also in the case of non-polar liquids the free rotation is considerably 
inhibited, as has been mentioned before. As an example of such mole- 
cules we mention carbon disulfide. From measurements of the electric 
double refraction in the vapor phase one calculates for the three polariz- 
abilities of the molecule, ai = 15.1 X lO”*^ in the direction of the S — C — S 
molecular axis and a 2 = «8 = 6.54 X 10~*^ in the directions perpendicular 
to the molecular axis. From these data one calculates for the Kerr con- 
stant of the liquid, according to the equation 


no 


(3) 


the value K = 19.7 X 10~“. In the equation Up is the refractive index 
parallel to the field, n, is the refractive index perpendicular to the field, 
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n, is the normal refractive index, and # is the field strength in electrostatic 
units. Direct measurements with the liquid give instead a value 40 per 
cent lower, namely K = 11.8 X 10“^^. Nevertheless, the average polariz- 
ability of the molecule, a = i (ai + ^2 + is not affected by the change 
to the liquid state, as one can conclude from the comparison of the refrac- 
tive indices of the gas and the liquid using the Lorenz-Lorentz equation. 
One has, therefore, the alternative either of assuming that the differences in 
the polarizabilities of the molecule in different directions have been de- 
creased on a change to the liquid state, while their sum remains unchanged, 
or that in the liquid the molecule is no longer free to orient itself in the 
external field as it is in the gas. Obviously the second alternative is to be 
selected. 

S. Through these preliminary considerations we are led to concentrate 
our attention on the binding which exists between the molecules in a liquid. 
Such binding is quite familiar to us from the study of the solid state, where 
it is responsible for the clastic properties of crystals. From the point of 
view of the van der Waals continuity between gases and liquids, understand- 
ing of these forces is more difficult. However, even from the point of view 
of the classical theory one can raise the question as to how far the transition 
to the solid state has been achieved in the liquids. Indeed, within the last 
few years a variety of experiments has demonstrated that one is justified 
in discussing the quasi-crystalline structure of liquids. After the first 
joint experiments of the speaker and Scherrer had demonstrated (1916) 
that one obtains interference maxima in the scattering of x-rays by liquids, 
many experiments of other investigators, among which should be men- 
tioned the studies of Keesom on liquefied gases and the extended and beauti- 
ful investigations of Stewart (Iowa), have clearly interpreted the origin of 
the main interference maxima. There mast exist in the liquids small re- 
gions of space within which the relative orientation of molecules approxi- 
mates very nearly the perfectly regular arrangement in the solid cluster, 
the only difference between the two being that in liquids this orientation 
depends on time. A particularly clear understanding of the situation is 
obtained from the study of the scattering of x-rays by monatomic liquids, 
as, for instance, mercury. Where the single atoms give an intensity of 
scattered rays which monotonously decreases with increasing angle be- 
tween the primary and the secondary ray, the same atom present as a 
liquid produces very noticeable interference maxima and minima. In this 
particular case it is even possible to determine the mutual orientation and 
the preferred distances between the atoms from a probability curve to be 
deduced from the seattering measurements. It thus becomes clear that 
in molecular orientation the liquids behave as quasi-crystals. 

As the experiments with the scattering of light of ordinary frequencies 
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demonstrate, there exists a similarity between the liquids and the crystals 
not only in the orientation but also in the types of allowed molecular 
motions. If one studies monochromatic light scattered by a liquid with the 
aid of an apparatus with high resolving power, such as an eclielon-grating, 
one finds that the originally monochromatic line has been split into a nar- 
row' triplet due to the process of scattering. The magnitude of the sepa- 
ration of the triplet components depends on the direction at which the ob- 
servation is made, and is the greatest at a scattering angle of 180®. The 
central line of the triplet has the same frequency as the original light. 
The separation of the two exterior symmetric components of the triplet 
is the larger, the higher the sound velocity in the liquid. ThCvSe facts, 
which have been established in experiments of Gross, Meyer, Raman, and 
others, would be entirely incomprehensible if the molecules in the liquid 
had freedom of motion independently of each other. In that case the 
molecular motions would produce not a splitting of the original line into 
a triplet but merely a broadening of it. We know that in an ideal solid 
body the motions of an atom are to be understood as superposition of 
motions which produce a very large number of thermal sound waves which 
are propagated through the body in all directions. The correctness of the 
T® law for the specific heat of solid bodies at low temperatures is the ex- 
perimental proof of this. L. Brillouin has investigated in a theoretical 
work the scattering of light in an ideal solid body, and finds that this 
scattering must be considered as a Bragg reflection by the sound waves and 
that in consequence of the cooperation of the Doppler effect the primary 
spectral line must be split into a doublet. 

Liquids do not exhibit a broadening but a splitting. From this we con- 
clude, following Brillouin\s calculation, that the motions of neighboring 
molecules are strongly coupled in liquids also, just as in solid bodies. The 
fact that in addition to the doublet of the Brillouin theory, one observes 
with liquids the third, unshifted line is obviously to be explained as mean- 
ing that a liquid is not an ideal solid body. As is well known even for 
crystals the ideal solid body is only a limiting case wdiich can never be 
realized in practice, because it cannot have any heat expansion. Reason- 
ing in this manner Placzck and Landau have recently interpreted, in a 
short letter to the author, the intensity of the middle component of the 
scattered light as connected with the difference of heat capacities of liquids 
at constant pressure and of constant volume. Recent experiments carried 
out in Leipzig have indeed confirmed this interpretation of the intensity 
distribution among the three lines of the scattered light. Altogether one 
can conclude with complete certainty that the orientation and coupling of 
molecules in liquids are very similar to the binding of molecules in solid 
crystals. 
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In order to obtain an idea as to the mode of motion of an atom in a 
monatomic liquid by using the concepts which we have now developed, 
we make the following statements. The atom is vibrating very much as 
in a solid crystal, and therefore has on the average approximately the same 
amount of kinetic as well as potential energy. However, and this is typical 
of the liquid, the center of vibrations is not stationary but instead moves 
slowly through the liquid as in Brownian motion. In perfect agreement 
with this is the observation that the heat capacity of liquid mercury has 
very nearly the value required by the Dulong-Pctit law. Of far greater 
interest to us is, however, the behavior not of monatomic liquids but of 
liquids consisting of rather complex molecules. In this case we are much 
more interested not in translational motions of the center of gravity of a 
molecule, but in rotations of the molecule. One is tempted to form a 
picture of this motion which is very similar to that developed for the 
translations. It should not be considered a free rotation but rather a 
kind of torsional vibration, the axis of which undergoes a slow rotation in 
space instead of being rigidly fixed as it is in the case of torsional vibra- 
tions in crystals. 

When one tries to apply these ideas to the mathematical problem of the 
dipole orientation in liquids, one concludes that the molecules are influ- 
enced in liquids by two kinds of forces. First, the molecule is exposed to 
the usual couple due to the external electric field ; and second, there exists 
a potential energy which acts to hold the molecule in its instantaneous po- 
sition fixed by its surroundings. For this potential energy one can assume 
as the very simplest approximation an expression of the form 

u = — E cos 9 (4) 

where 0 is the angle between the axis of the permanent electric moment 
and the instantaneous axis fixed by the surroundings. It is quite obvious 
that an equation of the form 4 is not capable of representing the detailed 
behavior in all special cases. However, one can regard equation 4 as the 
first term in a series of spherical harmonics, and hope that even this first 
terni is a good approximation to reality. The total energy of a dipole in 
a field F is to be obtained by adding to the energy given by equation 4 also 
the field energy —fjF cos 0', where 6' is the angle between the dipole axis 
and the external field. .One can readily calculate the average component 
of the dipole in the direction of the field F. However, this will depend to a 
great extent on the angle between the field and the axis, which is fixed by 
the surroundings of the molecule. The final average observable moment in 
the direction of F is then to be obtained by averaging over all such orienta- 
tions caused by the molecular surroundings. The quantitative expression 
representing this average moment in the direction of F is given by 
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m 




( 5 ) 


in which 0 is an abbreviation for , and L is the well-known func- 

tion of Langevin so useful in the theory of magnetization, namely 


L(|8) = coth )3 - 1 (50 

P 

Equation 5 shows, according to our expectations, that the interactions 
between the molecules of a liquid interfere with the orientation of the 
dipoles in an external field. The classical value 


m = 


SkT 


which one obtains for the completely freely rotating molecules, is now to be 
multiplied by a factor [1 — less than unity. In the case of small 

binding forces (E « kT) this factor is very nearly unity, and in the cases 
of large binding forces (E » kT) it tends towards the value 

2 _ 2kT 
ti E 

which it reaches for very large values of binding energy E^ so that then 
the effect of permanent dipoles is completely eliminated. One can esti- 
mate this factor as equal to unity less the ratio of the value of the average 
moment in the direction of the instantaneous axis in the absence of the 
external field to the absolute value of the moment. It is most noteworthy 
that this result holds irrespective of the special assumptions involved in 
defining equation 4, and is valid for any arbitrary law of force. 

Let us now consider the applications of equation 5 and start by consider- 
ing the case of water. The experimentally determined molecular orien- 
tation polarizability was 13 cc., whereas the theoretically calculated one 
for the case of freely rotating molecules is 71 cc. Thus the experimental 
reduction factor is 13/71 = 2/11. According to the above theory this 
reduction factor for the case of strong binding forces, which are obviously 
present here, is equal to 2//3. We will obtain an agreement with experi- 
ment, therefore, if we assign to the binding energy in liquid water, in agree- 
ment with the definition of the value JS = 11 kT, This is an extremely 
large value ; it produces a hindering of orientation such as would be produced 
by a field of some 72,000,000 volts per centimeter. From a molecular point 
of view, however, this magnitude of energy is quite understandable, since a 
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field strength of 72,000,000 volts per centimeter would be produced by a 
water dipole at a distance of 2.5 X 10^® cm. Approxim. .tely the same 
value of E is observed for instance in the case of nitrobenzene, whereas 
for the liquid diethyl ether the reduction factor is almost unity, so 
that E is almost equal to zero and the molecules must have an almost free 
rotation. In between those extremes are to be found the alcohols. Thus 
for ethyl alcohol the reduction factor is 0.56, which means, according to 
equations 5 and 5', that the binding energy is E = 2.9 kT, With increas- 
ing length of the carbon chain in alcohols this binding energy decreases. 

5. The preceding estimates indicate that the magnitude of the binding 
energy E is an excellent measure of the extent of that type of association 
in liquids which affects the orientation. The representation of the binding 
energy through an equation as simple as equation 4 and the use made of it 
in the following calculations is, of course, to be regarded as the first rather 
crude approximation to reality. In this connection it becomes of consider- 
able interest to see how far this representation is capable of explaining 
other, thus far not considered, properties of liquids. A phenomenon which 
is very characteristic of the dipole orientation is the decrease in dielectric 
constant observed with a strong external field. It is particularly in the 
case of the saturation that enormous differences between theory and ex- 
periment are to be observed with associated liquids. The first accurate 
measurements of the saturation effect were made on ethyl ether by Herweg. 
His measurements corrected for electric double refraction and electrostric- 
tion were discussed by means of a formula derived from the dipole theory 
adapted to molecules with free rotation. It was 

«> 

In this formula e is the dielectric constant measured in the field fo and n is 
the number of molecules per cubic centimeter in the liquid. For ethyl 
ether, the only substance used in his experiments, there was perfect agree- 
ment between theory and experiment. Later on Malsch thought that the 
experiment would be easier working with liquids of liigh dielectric constant, 
for in this case the inner field strength is greater than the external field 
strength by the factor 

3 

There were some difficulties, derived from the fact that all liquids with 
high dielectric constants are conducting, but tliese difficulties were over- 
come by a special method. The results of the experiment were in com- 
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plete disagreement with the theory. Thus, for instance, one obtains from 
equation 6 that for water 



if the external field strength is measured in volts per centimeter. On 
the contrary, the experimental results gave 


€ — €o 




- 1.1 X 10“® 



It is seen that for water the experimental effect is 3500 times smaller than 
that calculated. In other cases similar, although not so enormous, differ- 
ences occur; thus for instance in the case of ethyl alcohol the observed 
effect is fourteen times smaller than the calculated. 

The question arises whether these differences can be understood as a 
result of the quasi-crystalline structure of the liquids and whether they can 
be explained quantitatively with the help of our former assumptions. 
By assuming for the binding energy the same formula as before, i.e., u = 
— E cos d, and by calculating the orientation-polarization to a higher ap- 
proximation, the result is that in equation 6 the second member hfis to be 
multiplied by a reduction factor R, This factor can bo represented by the 
formula 

R{^) = 3 [^(1 - 4IJ + SL*) + 4 ^ (2L^ _ 1) + 6^] (7) 

in which again L represents I^angevin^s function. For large values of /3 == 
ElkTj R is given by 

R{P) = 3/^^ (7) 


Now if for water Malsch^s results are adopted, 3//3^ == 1/3500 and 0 
— 10, that is to say = 10 kT. This means that the same binding energy 
which had to be assumed to understand the value of the orientation-po- 
larization, which is 5.5 times smaller than the calculated value, explains 
at the same time why the saturation effect is found experimentally to be 
3500 times smaller than the one calculated. It is true that a small differ- 
ence exists, in that E = 11 kT has been derived from the orientation- 
polarization, whereas in this case E = 10 kT is found, but this difference is 
within the experimental error of the Malsch measurements. The results 
found in the cases of ethyl alcohol and ethyl other are also satisfactory. 
In the first case, in which the saturation effect has been found to be four- 
teen times smaller than that calculated, it follows that p = 2.9. This is 
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in accordance with the value derived for p from the orientation-polariza- 
tion. In the second case we know that the orientation-polarization nearly 
equals the value calculated for free molecules and we understand, there- 
fore, why Herweg could represent his experimental results by means of 
equation 6 without introducing any reduction factor at all. 

6. Another phenomenon which is characteristic of substances with polar 
molecules is the anomalous dispersion and absorption in the range of long 
electric waves, which was discovered by Drude. The theory, which so 
far has only been applied to the case of free dipoles, gives an explanation of 
this effect by stating that at high frequencies a phase difference exists 
between the electric field and the dipole orientation. This can be expressed 
formally by an equation giving the average moment m in a field of the 
strength as follows: 


m = 


3/br 


Fgi^t 


1 + 


ipo} 


( 8 ) 


The constant p of this formula is a measure of the friction opposing rotation, 
and if the molecule is represented by a sphere of the radius a, and if rj is 
the coefficient of viscosity of the liquid, 

p = Swria^ (S') 

In this way we not only express that the dispersion and absorption effect 
is limited to the case of polar liquids, but also that the frequency at which 
these effects occur is intimately connected with the viscosity of the liquid. 
Many observers have made experiments which indicate that this connec- 
tion })etween viscosity and frequency is q[ualitatively correct, but in cer- 
tain cases it was necessary to introduce a molecular radius, a, smaller than 
the value known to be correct. A very characteristic example of such a 
case is glycerin. It can be said that for particles of molecular dimensions 
we have no experience as to their frictional constants and that it is not 
impossible that in sucli a case Stokes' formula, containing the ordinary 
viscosity constant, does not hold. On the other hand, it is not to be for- 
gotten that the temperature variation of the dispersion and absorption 
effect is closely related to the temperature variation of the viscosity. 
From this point of view it seems interesting to calculate how much the 
theoretical result will be influenced by the fact that the molecules are not 
free but that we have to deal with a quasi-crystalline structure. 

The calculations are much more complicated than those we had to deal 
with; it will be sufficient here to give only the main outline. An equation 
has to be found for the distribution function / of the dipole axis, the latter 
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being at the same time under the influence of the molecular binding energy 
Vi), and the variable field causing an energy of orientation 

Ui = — /i/^e*"'cos 0' 

As in the case of free dipoles an equation for Brownian motion of rotation 
can be used. If, moreover, the effect is taken into account, the external 
field can only create a very small orientation effect, and the problem can 
be formulated as follows. 

If the total energy of a dipole as it is influenced by its surroundings and 
by the electrical field can be represented by 

u = Vo 


and if we assume 


/ = /o + fie^^ 


we obtain 


/o = C e 


and the function /i is found as a solution of the equation 


1 ^ 
sin 0 dO 


sin 0 


r^i , /l ^ fa/i . A ^ f 

\_dd kT ee e d 4 >ld<l> kT d(f>] kf'’'^ 

in r — - — *1 — ^ ^ r 

IkT ee ] sin* e d<t> IkT d<t>j 


sm 6 d0 


( 9 ) 


in which 0 and <l> are the ordinary spherical coordinates. 

The solution of the problem can be representcid in the following way. 
Starting with the equation, 


pA'n XndUpl 1 d V dXn 
sin 0 d0 _ d0 kT 30 _ sin^ 0 d<l> ^ d<l> 


Xn duo^ 

¥r 


-f- \nXn — 0 


( 10 ) 


one has to find first of all such values of that the functions Xn can be 
considered as eigenfunctions on the sphere. Thus we have obtained a 
generalization of the ordinary spherical harmonics which represent the 
Xn for 1^0 = 0 with Xn = n(n +1). If then these functions are known, the 
right-hand term in equation 9 can be represented by an expansion in series 
of the form 
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and we find 


/.-s 




Xn + 


tcjp 


This is the way that was followed, assuming equation 4 for the binding 
energy. However, it was only possible to represent the functions by ex- 
panding them in powers of 



For small values of /S, and at the same time for small values of ct)p/kT, the 
average moment, m, is given by the expression 

For large values of /3 calculations arc much simpler, because in this case the 
motion of the dipole can be approximated by a simple vibration about an 
axis defined by the interaction of the surrounding molecules. In this 
limiting case the result is 


m =- 




I 


2 2kT 


( 12 ') 


It is very simple to judge the results to be drawn from these formulas for 
the limiting cases = 0 and 1. If they are represented as in 


1 4- ^ 
^ + 2kT 




m = 




E 


1 + 


zpco 

2 


(l8 » 1) (12'0 


it is seen that the transition from the case of that of free dipoles to strongly 
bound dipoles can be performed by replacing the thermal energy feT by 
the much larger energy E/2. It follows then from the formulas for the 
dielectric losses and for the dispersion effect that we have at the same time 
a diminution of the dipole action to be observed both in the dielectric 
constant itself and in the losses. The binding energy is acting (in the case 
of large values of jS) just as if the constant 

p = 8inja* 
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had been diminished, and this can be interpreted by saying either that the 
viscosity is less than normal or that the molecular radius is smaller than 
would be expected. Further experiments are still necessary, but the fact 
that the greatest differences between experiment and theory occur for 
highly associated liquids makes it probable that also in this case the diffi- 
culties will be overcome by taking account of their quasi-crystalline 
structure. 
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This subject is practically the growth of the last eight years. Several of 
us rememl^er tlu^ eagerness with which we learned, at the meeting of the 
Bunsen Gesellschaft in Munich in 1928, what the moments of a few of the 
most familiar molecules w('re; now know those of some twelve or fifteen 
hundred (compounds. 

The methods of measurement usually employed are well known; most of 
th('m depinid on the determination of the moleiMilar polarization of the 
substance, ('ither as a gas or in dilute solution in a non-polar solvent; the 
ek'ctronic (and to a certain extent the atomic) polarization is eliminated by 
making th(' iiK'asurements over a considerable range of tc'mperature, or by 
observing the refractivity in the visible, or sometinu's by measuring the 
dielcctri(^ constant of the substance in the solid state. There are also 
one or tv o methods of an entirely difT(‘rent kind, which arc of valiu' in 
particular cas(‘s, as well as being important in confirming the general 
theory. The best known of these is the ^^niolecular beam” method (41, 
5; see also 8), an adaptation of Ihe famous Htern and Gerlach experiments 
for the dc'termination of the magnetic moments of atoms. In this a thin 
ribbon of molecules at V(‘ry low pressure i.' passed through a highly in- 
homog(*neous electric field, and from the observed spreading of the I)eam 
an approximate value of the dipole momc'nt can be obtained. A still more 
recent and as yet little developed method is that depending on the de- 
termination of the dielectric losses, that is, of the energy lost as heat when 
the uih, stance is exposed to a rapidly alternating electric field (3). 

The hn'estigation of the dipole moment in its relation to tlie structure, 
like that of all new physical properties, has been passing through two stages, 
the first more or less qualitative, and the second quantitative. There was 
a whole series of structural problems in which the moments of the alterna- 
tive structures differed so widely that a rough measurement of the moment 
was enough to decide between them. The extreme cases were where one 
of the alternative formulas was polar and the other non-polar. In many of 
these the conclusions derived from the dipole measurements hav(^ been 
confirmed and extended by other methods, such as those depending on 
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the absorption spectra and the crystal structures, but the dipole method 
was among the earliest to give us the information we needed. Examples 
of various structures established in this way are the following : symmetrical 
(not pyramidal), methane, carbon tetrachloride, and the XCU compounds 
in general; plane, bismuth trichloride; pyramidal, ammonia, phosphine, 
phos])horiis trichloride; linear, carbon dioxide, carbon disulfide; triangular, 
water, sulfur dioxide. 

Then there were a variety of more special types of molecules, where the 
alternative structures that were chemically possible, though both polar, 
differed markedly in moment. Of fundamental importancf' here were 
the halogen hydrides— - hydrogen chloride, hydrogen bromide, and hydro- 
gen iodide — with the moments 1.03, 0.78, and 0.38 Z), respectively (42), 
because of the light they threw on the distinction between covalent and 
elcctrovalent links. The distance between the atomic nuclei in gaseous 
hydrogen chloride has been shown to be 1.273 A.U. Hence if the mole- 
cule is ionized, and the charges can be regarded as located on the nuclei, 
its moment should be 4.77 X 1.273 = 0.1 D. The actual value is 1.03 Z), 
which is only 17 per cent of this. If the binding pair of electrons in H — Cl 
could be regarded as equally shared between the atoms the moment 
would of course be zero. It is thus evident that though the condition of 
the molecule is in some sense intermediate between the two extremes, it 
comes much nearer to the covalent state. This conclusion is supported by 
the observed values for other covalent links which are of the same order 
of magnitude, and also by the observation of Wrede (41) that the moments 
of true salts, such as the alkaline halides, in the gaseous state are much 
larger, and of the order of 10 Z>, their theoretical value for complete ioniza- 
tion being between 10 and 20 Z>. 

The dipole evidence was also able to solve a variety of other problems 
of a less general kind: (/) The correct structures of the dihalogen substitu- 
tion products of ethylene 


H— C~-X 

II 

H— C— X 
cis] polar 


H— C-X 

II 

X— C— H 
trans; non-polar 


could be assigned as soon as the moments had been measured, and this was 
done by Errera (4). (^) In the same way the <rans-configuration of azo- 
benzene was definitely proved by showing that it is non-polar (2). {3) 

The formula (II) 



I 


II 
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proposed by Kaufler for diphenyl was shown by the work of Williams, 
Weissberger, and Sangewald (40, 35, 38) to be impossible. They showed 
that the moments of the p,p'-diderivatives are practically identical with 
those of the p-disubstituted benzenes having the same substituents; where 
the moment of the substituent group is symmetrical to the central line of 
the molecule the compound is non-polar, otherwise it is polar. It follows 
that the Kaufler formula must be given up, and that the two phenyl groups 
lie in the same plane (formula I). {If) The controversy as to the structures 
of the isomeric oximes, bv^tween the original Hantzsch-Werner view and 
that of Meisenheimer, was finally settled in favor of the latter by the 
measur(‘mcnt of the moments of the oxime ethers. Taylor and Sutton 
(33) showed, for example, that the isomeric a- and /S-iV-methyl ethers of 
p-nitroberizophenone had moments of 6.60 and 1.09 Z>, respectively; this 
made it clear that in the former the highly polar — NO 2 and N— >0 groups 
were acting in the same direction, while in the latter they were opposed to 
one another. Since the former ether is obtained from the oxime which in 
the Beckmann reaction is converted into the anilidc' of p-nitrobenzoic acid, 
it follows that the Beckmann change is a trans and not a ds migration, and 
that Meisenheimer ^s view is correct: 


a 




O.N-<Z>-C-<I> 

O^N— CHs 

n = 6.60 

T 

HO— N 


i 


OoN- 


-C=-0 


02 N- 


-c-<3 
II 

CHs— N-^0 
M = 1.09 

t 

N— OH 


i 

o-<><3 

02N-< >-nh 


(^) The plane structures of the benzene and naphthalene molecules were 
established by means of the moments of their derivatives before they had 
been proved by the crystal structure. For benzene this was implicit in 
the very ingenious method used by Williams (37) to determine the direc- 
tion of the moments of groups by balancing them against one anotlier in 
the para position in benzene; and its truth was shown by his discovery that 
both the compounds P-C 6 H 4 X 2 and 1 , 3, 5,-C6H8Xs always had approxi- 
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mately zero moment if the C-X dipoles lay in the direction of the valence 
joining C to th(' next atom of the X group. For naphthalene the decisive 
test is the moment of the 2,r)-di derivative (39; for more recent work on the 
naphthalene derivatives see reference 34). (6^) The structure of the diva- 

lent carbon compounds, such as carbon monoxide and the isocyanides, 
was investigated by nK^ans of the moments, which ('utin'ly cionfirmed the 
structures proposed by Langmuir, as opposed to those of Nef (10; see 
also 20) : 

Structures proposed by Nef: C==0 R- N=C 

[teO R -N^C 
Structures proposed by Langmuir: ] _ 4. + - 

[C~0 R-N--C 

The essential points are the minute polarity of carbon monoxide, showing 
that there has been fin eh'clTonic transference from the oxyg(*n to the 
carbon, and in the isocyanides tlici magnitude and direction of the; moment 
of the — N — C group, in which it was shown that the terminal carbon 
atom is at the negative end of the dipole, which supports the same view. 
A final test is the observation (30) that p-diisocyanobenzeme is non-polar; 
this must be so according to the liangmuir structure (1) but not according 
to that of Nef (II). 

C^N— )>- N:gC C=N--</J^ -N=C 

I II 

(7) A question arising out of this is the structure of acetylene and its 
derivatives. Nef maintained that, in particular, diiodoacetylene had not 

the obvious linear structure I — C — -C- -I, but th(' tautomeric lorm 

^i 

The former should obviously be non-x>olar, while the latter should have a 
considerable moment. Tin; substance was exfimirK'd, and shown to be 
non-polar, so that it must have the linear formula (31). 

With all these molecules the differences in the moments to b(; expected 
on the alternative theories are so large that quite rough determinations of 
the moments are sufficient to settle the questions at issue. 

This stage of the investigations is nearly complete, and all the more 
obvious plums have been gathered, although we shall always have new 
problems arising which can be si'ttled in this way. We have now entered 
on the more advfinced and more quantitative branch of the subject, where 
we endeavor to draw corudusioiis from small diffen^nces of momcuit. Here 
we meet with various difficulties, which arc essentially of tw'o kinds, the 
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first being in the accurate measurement of the moments, and the second in 
their interpretation. 

The difficulties of measurement are two, one depending on the allowance 
to be made for the atomic polarization, and the other on the effect of the 
solvent. 

The atomic polarization for some time afforded a refuge to chemists who 
found moments that were incompatible with their preconceived ideas; it 
was always possible to explain them away by the supposition that some of 
the compounds in question had abnormally large atomic ])olarizations. 
Recently this loophole has been fairly well closed. The atomic polariza- 
tion can be measured by determining the polarization in the gas over a con- 
siderable range of temperature, since Pe and Pa are independent of tem- 
peratuni, and so can be separated from Po. Another method is to measure 
the dielectric constant of the solid, in which the orientation of the mole- 
cules is fixed, so that the polarization depends on Pe and Pa alone; this 
may however need some modification in view of the frequent rotation of 
atomic groups in crystals. The general result of theses measurements has 
been to show that the atomic polarization is never large*, and seldom, in 
molecules of the* size with which we are ordinarily concerned, exceeds some 
4 cc. or so (24, 20, 12). 

The influence of the solvent on the polarization was first pointed out by 
Horst Muller (17), who showed that the value of Pa for chlorobenzene 
varied by about 10 per cent in different non-polar solvents, being greatest 
in those with the lowest dielectric constant. Subsequent work has shown 
that this phenomenon is practically universal, and further that it is highly 
specific, so that no general relntion can be established for correcting the 
observed moment for the effect of the solvent. The influence depends, as 
we might rxpect, for any given solvent on tiw magnitude of the moment of 
the solute, and also on the shapt^ of the polar molecules and the position 
which the dipole occupies in them. Higasi (11) and Frank (6) have tried 
with some success to examine the relation of these properties, but no com- 
plete theory has been reached, or is probably to be expected until the physi- 
cal ih(*ory of liquids has been developed considerably further than it has at 
present. 

This influence of the solvent also affects the accuracy of the determina- 
tion of the moment by the temperature method in solution, which was 
previously regarded as exceptionally accurate, since it appears to determine 
and eliminate the atomic polarization. It is, however, obvious that, since 
the dielectric constant of the solvent changes with the temperature, the 
effect on the polarization of the solute will also change. The effect may 
not be large, but it may seriously change the slope of the polarization- 
temperature curve, and also the intercept. It will thus give a false value 



188 


N. V. SIDGWICK 


both of the moment and of the atomic polarization; moreover, owing to the 
highly specific character of the influence, it is not at present possible to 
apply a satisfactory correction. In the present state of our knowledge it 
seems that the accurate determination of the dipole moment is possible 
only by the measurement of the polarization of the gas over a large tem- 
perature range. The next best measurements are those obtained by de- 
termining the polarization of the vapor at one temperature, and allowing 
for the electron polarization through the rcfractivity. 

It is evident that the restriction of accurate measurements to substances 
whose polarization can be measured in the gaseous state constitutes a very 
serious limitation of the applicability of the moments, and it is very much 
to be hoped that it will be possible to discover the general relation between 
the gaseous and the solution values, so that we may be able to assign mo- 
ments to molecules that cannot be measured in the gaseous state. 

The difficulties of the interpretation of the moments, arc not, like those 
of measurement, obstacles to be got out of the way as soon as possible; 
they are due to the complications of the molecular structure itself, which 
is the problem we are trying to solve. They are mainly concerned with two 
factors, — the mutual polarization of the dipoles and the effects of reso- 
nance. One of the chief problems which have so far been attacked by the 
exact measurement of the moments is that of the valency angles. The 
resultant of two moments is their vector sum, and so if we know the indi- 
vidual values and the sum we know the angle between them. The diflGi- 
culty is that the individual moments affect one another by induction; in 
the chloro derivatives of methane it has been showm (28) that the value 
may be diminished by as much as 30 per cent. This source of error can 
only be avoided by having the dipoles whose inclination is to be deter- 
mined remote from one another. The theory has been discussed by Small- 
wood and Herzfeld (23) and by Frank (7) ; for its application in detail to 
the dichloronaphthalenes see Weissberger and Hampson (34). From this 
work it is clear that no satisfactory theoretical allowance for the mutual 
induction can be made unless the dipoles are more than 2 A.U. apart. In 
practice this means that we are almost confined to compounds of the type 

CeHj 

/ 

X 

\ 

CeHt 

where we can introduce polar groups into the para positions in the benzene 
rings with the certainty that the new dipoles will be collinear with the 
X-C valencies. This method has been applied by a number of workers 
with considerable success to such compounds as diphenylmethane, diphe- 
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nyl ether, and diphenyl sulfide, and the consistenry of the results indicates 
that it is on the whole trustworthy.^ The importance of this work lies in 
the fact that the angle measured is that in which the valencies are attached 
to two phenyl groups; this may well differ from the angle between the 
valencies when they are joined to hydrogen or halogen atoms, or to methyl 
groups, for two reasons : (1) because of the steric interference of the phenyls, 
which again will vary with the radius of the central atom, and (2) because 
of the occurrence of resonance forms in which one of the valencies is double. 
A comijarison of the valence angles in these various classes of compounds is 
thus of great interest. Now it is clear that in the simpler (halogen and 
alkyl) compounds the dipole method is useless on account of the mutual 
induction, while the method of electron diffraction is eminently suitable, 
owing to the relative simplicity of the molecules. In the phenyl deriva- 
tives on the other hand the large number of atoms in the molecule makes 
the calculation of the electron diffraction curves almost impossible, and 
the angles can only be determined from the dipole moments. 

Another subject which has been attacked by the exact measurement of 
moments is that of the effect of rotating atomic groups, as for example in 
the ethyleine dihalides This is too complicated a subject to be dealt 
with here, but reference may be made to the work of L. Meyer (15), Smyth, 
Dornte, and Wilson (25), Lennard-Jones and Pike (13), and Altar (1). 

The second difficulty in relating moment to structure arises from the 
effect of resonance, and this opens up the widest prospect for the future 
application of dipole moments. 

I need say no more of the theory of reasonance than that it implies that 
certain molecules can have a structure intermediate between two formulas 
and partaking (l^ut not necessarily in the same degree) of the properties 
of both. Some of the most convincing proofs of this theory are derived 
from the study of dipole moment. In no other way is it possible to explain 
the very small moments of nitrous oxide or of the azide group, where the 
only permissible structural formulas must have large moments in opposite 
directions. The simplest example is that of nitrous oxide. Here the spec- 
trum shows that the molecule Is linear, but not symmetrical. It must 
therefore be N — N — O, with either two double links, or one single and one 
triple. Assuming that so stable a substance must have its octets complete, 
there are two possible structures: 

< H > 

N1=;N==0 N=N-^0 

Each of these will have a considerable dipole moment, and in opposite 
directions, as shown by the arrows. A tautomeric mixture of the two 

1 For a summary of this work see reference 9; for a method of obviating certain 
difficulties due to resonance see reference 29. 
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will also be found to have a considerable moment, since the polarization, 
from which the moment is calculated, is independent of the direction. 
Now the observ^ed moment of nitrous oxide is only 0.17 D; this would only 
be possible for a tautomeric mixture if the time of interconversion were 
less than that (ca. lO'^^ required for the rotation of the dipoles in the 
electric field. This practically implies that the molecule is in an interme- 
diate state, which is what we mean by resonance. This conclusion is 
supported by the dimensions of the nitrous oxide mol(‘cule, as deduced 
from the spectrum (18). Precisely similar arguments apply to the organic 
azides (21). This is evidently a phenomenon that is peculiarly suited to 
investigation by means of the dipole moments. It is also one that is of 
fundamental importance, especially to the organic chemist. The modern 
theories n'lating organic reactivity to electron drift, which we owe to Lap- 
worth, Robinson, Ingold, and others, obviously find their physical ex- 
planation in the theory of resonance, and should be capable of verification 
and extension by the dipole methods. 

The first example of this is given by Sutton\s examination (27) of the 
difference in moments of the alkyl and aryl compounds R — X, in which 
he showed that the sign of this difference determined whether further sub- 
stitution occurred in the meta or in the ortho and para positions; this 
gave an experimental proof of the occurrence of an electronic drift which 
governed the reactivity.^ 

More recently, the investigation of resonance by means of dipole meas- 
urements has been pursued along a variety of lines. For exam])le, it is 
known that p-nitroaniline has the abnormally high dipole moment of 6.2 
£>, exceeding by about 0.7 D the sum of those of aniline (1.52) and nitro- 
benzene (3.95). This is clearly due to resonance between the forms 






H 

H 


groups in the second formula lying in the plane of the ring. If it were 
possible to deflect these groups, or either of them, out of that plane, the 
resonance, and therefore the dipole moment, should be diminished. Now 
we have evidence that in durene (symmetrical tetramethylbenzene) the 

* For attempts toward a theoretical correlation of the resonance with the re- 
activity see references 32, 14, and 36. 
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methyl groups should have this effect on an NH 2 or NO 2 placed between 
them, for in durene itself it has been shown, by x-ray analysis of the crys- 
tal (19), that the repulsion of the methyl groups is sufficient to deflect them 
some 3° from their normal positions. We should therefore expect to find 
that the moment of p-aminonitrodurene is less than that of p-nitroaniline, 
and that a similar reduction of moment occurred with the amino and also 
with the nitro compounds generally. This question has been investigated 
by Hampson and Birtles (unpublished work), who found the moments 
given in table 1 for the durene derivatives as compared with their benzene 
analogues. It will be seen that in every instance the methyl groups dimin- 
ish the moment caused by NH 2 or NO 2 , but that with the bromo compound, 
where no such interference with the resonance can occur, the moments of 
the durene and the benzene derivatives are identical. 


TABLE 1 

Moments of certain durene and benzene derivatives 


GBOUP 

DURENE 

BENZENE 

DIFFERENCE 

Nitro- 

3.38 

3.95 

-0.57 

Amino- 

1.39 

1.55 

-0.16 

Bromo- 

1.55 

1.52 

+0.03 

-1.2 

p-Nitroamino- 

4.98 

6.2 

p-Bromonitro- 

2.36 

2.65 

-0.29 

p-Bromoamino- 

2.75 

2.99 

-0.24 


Another question which can be examined by means of the moments is 
the effect of side rings on the resonance between the Kekul6 structures in 
benzene. Mills and Nixon (16) pointed .nit that the addition of a side 
ring of five atoms to benzene, in hydrindene, may, for steric reasons, fix the 
double links in the benzene ring, with a single link common to the two rings; 
on the other hand a side ring of six atoms, as in tctralin, might also fix the 
benzene links, but with a double link common to the two rings. From the 
reactivities of certain df'rivatives they obtained evidence in favor of the 
occurrence of fixation of the links in these ways. It should be possible to 
test these conclusions by means of the dipole moments of the symmetrical 
compounds 5,6-dibromohydrindene (I) and G,7-dibromotctralin (II). If 


Br H 2 

\/\ 


Br 



H2 


H2 


Br Hj 


/\/V 

Br H 2 


H. 


Br CH, 

\/\/ 


/\A. 

Br CH, 


I 


II 


III 
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the links are fixed as Mills and Nixon suggest, the angle between theC-Br 
valencies should be larger in I than in II, and hence the moments of the 
systems should differ by an amount which can be calculated within narrow 
limits and which should be easily detected experimentally. The moments 
have been measured (22), and compared with those of the corresponding 
o-xylene derivative (III above) and of o-dibromobenzene. The results 
are given in table 2. The moment of the Br — C — C — Br system is ob- 
tained by subtracting from the moment of the dibromide that of the 
parent hydrocarbon together with a small correction (less than 0.2 Z); 

TABLE 2 


Dipole moments 


TYPB 

MOMENT OP 
HYDBOCARBON 

MOMENT OK 
DIUBOMIDE 

INDUCED 

MOMENT 

MOMENT OF 

Br— C— C--Br 

Hydrindene 

0.53 

2.48 

0.17 

1.78 

Tetralin 

0.52 

2.81 

0.18 

2.11 

o-Xylene 

0.59 

2.86 

0.14 

2.13 

Benzene 

0 

2.12 

0 

2.12 


TABLE 3 


Effect of resonance on moment 


COMPOUND 

RESONANCE 

STRUCTURES 

OBSERVED 

MOMENT 

Carbon monoxide 

C^O 

X ^ • 

X o 

c=o 

X • 

o . o 

0.10 D 

Nitric oxide 

X N o 0 ° 

X o o 

X 

O X 

o O 

o 

0.16 D 

Nitrous oxide 

N^zN=-0 

Nh-N->0 

0.17 D 

Organic azides 

^N<-N^N 

— N=Nz;N 

ca. 0 


see references 23, 7, 34) for the moment induced in the side system by the 
C-Br links. 

Thus the dipole moments clearly indicate a fixation of the double links 
in the sense of the Mills-Nixon theory in the hydrindene system, but not 
in that of tetralin, where the structure appears to be the same as in the 
freely resonating systems of benzene and xylene. On the other hand in 
tetralin the evidence of Mills and Nixon leads to a different conclusion; it 
indicates that fixation occurs here too, though with a double link common 
to the two rings. It should be noticed that the evidence from the dipole 
moments is of a different kind from that derived from the reactivity. In 
the latter, a relatively small difference in the heat of activation between 
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two molecules may produce a large change in the rate of reaction, as was 
pointed out by Sutton and Pauling (32), who concluded that a difference 
of 6 per cent in the ratio of the coefficients (i.e., in the predominance) of 
the two Kekul 6 forms was enough to account for the experimental results 
of Mills and Nixon. The moments, on the other hand, express the mean 
position of the atoms in the resting molecule. 

In conclusion I may mention one or two points which have arisen from 
the study of dipole moments, and which still seem to need explanation. 

The first concerns the coordinate, semipolar, or dative link. It has been 
established by a number of examples that this type of link always has a 
large dipole moment, as its formulation requires. But the moments which 
are found are much smaller than those required by the simple theory of the 
transference of an electron. The actual values found vary in different 
molecules, and often cannot be stated with any exactness, but on the aver- 
age we take the moment to be about 3 to 4 D. Now the average length of 
the link in these compounds is about 1.5 A.U., so that if the coordination 
simply involved the transference of an electron from one atom to the other, 
the moment should be approximately 4.8 X 1.5 = 7.2 D. The observed 
difference is presumably due to induction, in which the unshared electrons 
of the octet no doubt play a large part. 

Another point is this. As we have seen, when there are two resonance 
structures with moments in opposite directions, the result of the resonance 
is to diminish the moment. The amount of the reduction should be differ- 
ent in every case, depending on the coefficients of the different structures 
and also on their respective moments, and we have no means of knowing 
how great it should be. The interesting point is that there is in fact a 
remarkable tendency for the resulting moment to be very nearly, but not 
quite, zero. Of this we have at least four examj^ies (see table 3) ; in the 
last of them the exact moment of the N 3 group is not known, but that of 
the whole C — N 3 group is very nearly the same as that of a C — N link, so 
that the contribution of the N 3 part must be very small. 

i sfiould like to express my thanks to Dr. L. E. Sutton and Dr. G. C. 
Hampson for the kind assistance that they have given me in the writing of 
this paper. 
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INTRODUCTION 

The relat ion of the dielectric constant to density and temperature may 
be conveniently considered from the point of view of the variation of 

the Claiisius-Mosotti^ expression, ^ v, where e is the dielectric 

constant, and v the volume of a unit of the substance of interest. The 
remarkable fact is that gaseous substances may be classified into those 
for which the C -M expression is practically independent of density and 
temperature and those for which the function is independent of density 
but not independent of the temperature. 

Nearly a quarter of a century has now elapsed since Debye first sug- 
gested the basis that accounts for the temperature dependence of the C-M 
function through the assumption of the existence of permanent electric 
moments in the molecules of the second classification (polar molecules). 
During the past eighteen years, moreover, Debye hes contributed steadily 
in expanding the range of application of his original ideas. At the same 
time an ever increasing number of his fellow scientists have taken part in 
promoting important advances which have gone far to perfect our knowl- 
edge of molecular structure, certain aspects of solution properties, anoma- 
lous dispersion and absorption at radio frequencies, and dielectric phenom- 
ena generally. 

The low pressure gaseous phase is the state most suitable for testing 
Debyc^s theory, and the numerous measurements for both gases and dilute 
solutions of polar substances in non-polar solvents provide ample support 
for its validity. 

In the book Polar Molec^dcs (2) care is taken however to emphasize the 

1 Contribution No. 382 from the Research Laboriitory of Physical Chemistry, 
Massachusetts Institute of Technology. 
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restrictions surrounding the deduction of the C-M relation in the Debye 
form which follows: 

€ - 1 ^ _ 47riV'faii + a22 + «33 , 1 

e + 2 3 1 3 SfcTJ ^ 

In this equation v is the volume of a mole at the pressure and temperature 
at which € is measured; P is the molar polarization; N is Avogadro’s 
number; an, a 22 , 033 are quantities defining the ellipsoid made use of to 
visualize the dielectric distortion of the molecule; /z is the natural electric 
moment; and k the Boltzmann constant. Debye states that ^*In every 
other case (i.e., other than low pressure gases), for instance in the appli- 
cation of 1 to liquids, the calculation involves certain often questionable 
assumptions about the interaction with the surrounding molecules. The 
problem of the calculation of these interactions has, unfortunately scarcely 
been treated in an adequate manncT.’^ The value of high demsity dielectric 
constant measurements indeed seems clear as a preparation and foundation 
for additional theoretical work on the dielectric properties of matter at 
higher densities. The data most immediately useful are those for the gase- 
ous phase at high temperatures, where the density may be caused to vary 
with relative ease over a wdde range and where quantized collisions are 
sufficiently infrequent to be of small consequence. 

The selection of the material for measurement is also important. Thus 
considerations relating to molecular coupling are simpler for the gases 
helium, hydrogen, nitrogen, and methane. These non-polar gases also 
have relatively low critical temperatures, and measurements made at tem- 
peratures from, for example, 50° to 200°C., correspond to temperatures 
which would be far higher for more complex substances in a comparable 
state of molecular interaction.® 

Moreover, with the exception of methane the gases referred to do not 
absorb in the infra-red region, a fact which relates to our interest in the 
L~L refractive index expression. For this very reason however, the case 
of carbon dioxide is important, since fairly complete data exist for the dis- 
persion of this substance. Finally, data for a polar substance would be 
welcome, although the problem of theoretical interpretation of a density 
dependence of the C-M function appears at present somewhat formidable. 
Ammonia was selected for the measurements, partly because the body of 

* Throughout the remainder of the paper Clausius-Mosotti will be abbreviated to 
C-M and Lorentz-Lorenz to L-L. 

* The Boyle-point temperature for low pressures may be used as a measure of that 
state of gas where the effect of the positive and negative molecular potentials balance. 
On this basis water vapor at 1200®C. would be comparable with nitrogen at about 
50®C. 
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density data is extensive and exact, and partly also because a good deal 
is known about the structure and physical constants of the molecule. 
Data will be exhibited showing the variation of the C-M function with 
density at different temperatures for helium, hydrogen, nitrogen, methane, 
propane, carbon dioxide, and ammonia. In the case of carbon dioxide 
sufficient data exist to give an impression of the variation of the C-M ex- 
pression for the liquid phases over a fairly wide range of density. 


THE EXPERIMENTAL DATA 


Measurements of the dielectric constants of the compressed gases, air, 
nitrogen, and hydrogen at 20®C. were made over thirty years ago by 
Tangl (18) and Occhialini (14, 15) for the purpose of testing the C-M func- 
tion. Magri about the same time measured the refractive index for air 
for a range of densities corresponding to a maximum of 200 atm. at 15°C. 


He inferred from the data that the L-L expression. 


1 


+2 


V, was constant. 


Both Tangl and Occhialini first concluded that the C-M function decreased 
slightly with increasing density (pressures employed up to 334 atm.). 
This conclusion was later modified and, excluding fluctuations in the meas- 
urements amounting to 1 per cent, the C-M expression appeared to be 
constant. 

Other or additional measurements were not reported until after the 
World War, when data for both compressed gases and liquids appeared. 
In the meantime the technique of dielectric constant measurement has 
steadily improved and in addition much of the necessary accurate density 
data have accumulated for computing the C-M function. Fortunately 
also for the,control and correlation of the higher density dielectric constant 
data, increasingly exact low pressure measurements have appeared stead- 
ily. In brief it seems likely that for several of the gases the C-M function 
is known over a considerable range to two parts per thousand. It will 
appear later that the C- M relation should be known to at least this degree 
of precision if the data arc to be of value in guiding theoretical 
developments. 

For helium^ and hydrogen® (19) the C-M function shows no definite 


* Data obtained at the Massachusetts Institute of Technology and not yet 
published. 

* In the course of preparing the material for the present paper all measurements of 
dielectric constants which had been made at the Massachusetts Institute of Technol- 
ogy were recomputed. Three different pressure condensers have been used, and 
corrections peculiar to each were applied for pressine distortion effects. In the 
case of the measurements reported by Uhlig, Kirkwood, and Keyes, a small error was 
found to have been made in correcting for distortion. Further perfection in facilities 
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trend with density or temperature to a density of 6.1 moles per liter (164 
cc. per mole) in the case of hydrogen. Recently measurements on hydro- 
gen by Michels, Sanders, and Schipper (13) have been extended to 1425 
atm. at 25° and 100°C. without the C-M function showing any definite 
trend. The case of nitrogen is particularly interesting, because recently 
Michels, Jaspers, and Sanders (8) have reported values of the C-M ex- 
pression to a density of 20.6 moles per liter (48 cc. per mole), (1000 atm. 
at 28° to 150°C.), twice the density reached in our own measurements.* 
Earlier, Michels and Michels (9) had reported low pressure values. 
The higher density data appear to show a faint positive trend with 
density, but the authors (see figure 2 of reference 8) state that “there 
exists no evidence of a deviation from the C-M relation exceeding the 
experimental accuracy.'' Our own values give the impression of a slight 
density dependence, which perhaps should be stated to be an expectation 
of a positive rather than a negative trend. Possibly no more definite 
statement than this can be made in the case of nitrogen, following a care- 
ful consideration of all available values of the C-M function.^ 

By way of r6sum4, the C-M relation for helium and hydrogen, figure 1, 
shows no systematic variation with either density or temperature. A like 
statement applies to nitrogen, except that the faint apparent trend of the 
C-M relation suggests the expectation of a positive rather than a negative 
density dependence. The average precision of the C-M values is probably 
not greater than about one five hundredth for these gases. The low pres- 
sure L-L function value for the gases* is in very good agreement with 
the C-M function values at zero pressure. 

also made it possible to measure the lead correction of the condenser more accurately. 
The net effect of the revision of the reduction of the observations is a somewhat 
smaller Clausius-Mosotti function. A forthcoming publication will give the 
details of new measurements with the improved. No. 3 condenser. 

® The molal volumes for nitrogen were taken in part from recent data by Otto, 
Michels and Wouters (Physik. Z. 36 , 17 (1934)), and in part from unpublished results 
by Michels and Gerver. 

’ Data for air might be considered along with the nitrogen data. Recent measure- 
ments have been made by Waibel (Ann. Physik 72 , 161 (1923); 40 atm. at 14®C.), 
J. W. Broxton (Phys. Rev. 37 , 1338 (1931); also nitrogen), and A. R. Jordan, J. W. 
Broxton, and F. C. Walz (Phys, Rev. 46 , 66 (1934)). In the third paper the dielectric 
constant for air is shown to be independent of frequency to 70 kilocycles, and the 
C-M function shows no large variation. Formerly a minimum in the C-M function 
was reported at 80 atm. and 18®C. R. McNabney, Wills Moulton, and W. L. Beusch- 
lein (Phys. Rev. 47 , 695 (1935)) also report measurements for air and hydrogen 
to 335 atm. The C-M function for air shows a maximum deviation of 5 per cent; in 
the case of hydrogen about 16 per cent. 

* Recent precise data for nitrogen have been obtained by Clarence E. Bennett 
(Phys. Rev. 37 , 263 (1931); 46 , 200 (1934)). L. Ebert and W. H. Keesom found the 
C-M function for liquid nitrogen the same as for the gas, and Gerald (Ann. Physik 
66 , 93 (1921)) found that the L-L function for liquid nitrogen has a value equal to 
the C-M function. 
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The case of carbon dioxide is of special interest in view of the type of 
molecule and the extent and range of data available. It is also very for- 



Fig. 1. C-M function for older data obtained at the Massachusetts Institute of 

Technology 



Fig. 2. C-M function; recent data obtained at the Massachusetts Institute of 
To/ilinnloirv. USing the nftW cell 
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data have been obtained by Uhlig, Kirkwood, and Keyes (19), by Oncley® 
(shown in figure 2), and by A. Michels and C. Michels (10) for twelve 
temperatures from 25^ to 150°C. and to a density of 25.5 moles per liter 
(39 cc. per mole, 25®C.; 9G6.6 atm.). The density data of the 1933 
paper were taken from Amagat^s work. Later however new data of A. 
Michels and C. Michels (11, 12) have been used to compute values of 
the C-M function for the dielectric constant data at 30,® 100,® and 150°C. 
The 1933 paper of A. Michels and C. Michels, using Amagat^s density 
data, leads to C-M values which the authors state show no effect of 
temperature but “with increasing pressure the C-M constant shows a 
tendency to decrease.” This statement is apparently opposed to our 
present conclusion. The data of Michels and Michels at 100° and 150°C. 
incorporated in figure 3 have, however, been adjusted on the following 
basis. 

It is fairly certain that the molar polarization or the C-M function for 
carbon dioxide at approaching zero density (P®) is very close to 7.35 cc. 
(Zahn, 7.25; Watson, Stewart, McAlpine and Smyth, and Massachu- 
setts Institute of Technology, 7.35 cc.). On examination of the original 
data of Michels and Michels in the C-M form for the various scries of 
measurements, they exhibit characteristics similar to our own unadjusted 
data, namely, they do not extrapolate closely to the value 7.35 but instead 
show a widening spread as low’er densities are approached. In fact the 
Michels and ]VHchels data at 100° and 150°C. may be represented analyti- 
cally by the following expression 


P = 


a_i 


7.35 “1“ dip “f~ d^p^ 


in wdiich the a\s are temperature functions and p the density. Now by 
plotting the expression ~t— d original data versus density, it was in 

C "T" J 

general ^ound that the data did not quite lie on a line passing through the 
zero value of the coordinates. The data of Michels and M ichels show a simi- 
lar effect and when a correction in the amount of the “origin failur(^”^® is 

applied to all the values of —r-^ systematic trend in the low pressure 


® Recent data on nitrogen, carbon dioxide, and propane shown in figure 2 will be 
published shortly. 

‘0 The ‘‘origin failure” in our cells is due undoubtedly to a variable displacement 
given the internal parts of the condenser when subjected to stresses induced by the 
presence of the high pressure gas. Our most recent condenser design (unpublished) 
was carried out with a view to reducing the amount of the effect, and in practice it 
has proved almost negligible. 
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C-M function referred to above is eliminated. The data in figure 3 have 
been treated in the way described and the inferences relative to trend in 



the C~M function favor a positive trend for the gas or low density phase 
and a negative trend in the high density phase with a maximum at about 
16.3 moles per liter (61.4 cc. per mole; 14 cc. per gram). The inference of 
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Michels and Michels regarding a negative trend referred to earlier evi- 
dently related to the higher densities. 

We believe the total available C-M function data for carbon dioxide 
lead to the following conclusions^^: 

(1) The C-M function at higher densities, or at least to a density of 

15 moles per liter, exceeds systematically the value 7.35. 

(2) The C-M function exhibits a maximum for P^jv about 0.12, or 

16.3 moles per liter. 

(3) The increase in the C-M function with density at low densities 

is larger at the lower and smaller at the higher temperatures. 

(4) The C- M values available from all sources are in good agreement. 

The refractive index of carbon dioxide has been measured (16; see also 1) 

over a wide range of wave length values at low pressures and in the visible 
region over a considerable range of density.^- Fuchs (3) has formulated 
all the low^-pressure measurements into a single dispersion expression con- 
taining four Sellmeier-like terms covering the range \ = 720.4 A.U. to 
X = 14.91/x. We may use the formula to compute the L-L expression for 
X — > oo and zero density. The result is 7.28, in very good agreement with 
the value 7.35, the mean of all the low-pressure values. It is therefore 
evident that the infra-red absorption characteristics of carbon dioxide 
account for the low values of the polarization deduced by extrapolation 
(to infinite wave length) of the data on the index of refraction for visible 
light. 

In the case of propane gas, figure 2, there is also a positive drift of the 

These conclusions are quite different from those arrived at by P. O. John 
(Phil. Mag. 22, 274 (1936)), who discusses the data of Michels and Michels and of 
Phillips on the basis of the Raman-Krishman theory (Proc. Roy. Soc. 117 A, 589 
(1928)). He uses the value 7.82 for P®, — a value obtained from a consider- 
able extrapolation of Michels' data to low pressures. All recent determinations 
show that 7.35 is not far from the correct value. 

Phillips found the reciprocal of the L-L function for wave length 5461 A. U. was 
given by the expression 6.581 -f- 0.113 p*, where p is the density. Brown reports that 
the L-L function does not remain constant, and that the (L-L)”^ function shows a 
marked increase at higher densities. The data included densities in excess of 0.8 g. 
per cubic centimeter. That the (L-L)"^ function should be linear in p* for carbon 
dioxide seems astonishing, in view of current ideas on the Maxwell relation n* =» ep, 
where p is the permeability, leading to the expectation that the sign of the density 
dependence for the C-M and L-L functions might be similar. It is to be regretted 
that we lack L-L function data at high densities for structurally simpler substances, 
for example, the rare gases. As a matter of fact, we do have Magri's findings (Physik. 
Z. 6, 629 (1905)) for air densities corresponding to 200 atm. at 15°C., and the L-L 
function shows no drift. Phillips’ values indicate roughly a decline of only 1 in 500 
for the L-L function for a 170-fold increase in density, — a rather small density effect. 
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C M function with density. At the moment we have no data for the 
liquid phase. 

The only polar gas (figure 4) for which dielectric constant data exist at 
high densities is ammonia (6) . The density data available are very reliable, 
and the positive trend of the C— M function with density is unmistakable 
at all temperatures. Ihe permanent moment deduced from the zero 
density value of the polarization is 1.466 Debye units, to be compared 
with 1.44 obtained by Zahn and 1.48 by Watson. In fact, there appears 



0 .02 .04 .06 .08 .10 .12 J4 .16 .16 

HAf 

Fia. 4. C-M function for ammonia 


to be no change in fx to the highest density'^ (4.48 moles per liter or 223 cc. 
per mole). 


W. K Danforth (Phys. Rev. 38, 1224 (193^') found that the reciprocal of the 
C-M function for liquid pentane and carbon disulfide exhibited an inflection in rela- 
tion to density (corresponding to a maximum pressure of 12,000 atm.). For the latter 
substance a temperature effect apparently exists (30® and 75 °C.) The (C-M)“^ 
function for the polar liquids measured is linear (except for ether) and a temperature 
function. Charlotte Franks (4nn. Physik 77, 159 (1925)) also reported dielectric 
con- lant values for liquid beuzene, heptane, hexane, and carbon tetrachloride to 800 
atm. (lienacher in the same volume, p. 138, gives values for a number of polar 
liquids. There is a negative drift of the C-M relation in every instance v. Ith a larger 
effect for the polar substances. A considerable number of investigators have reported 
dielectric constant data for liquids under pressure, beginning with Rontgen (Ann. 
Physik 52, 591 (1894)). Density data are lacking for computing the C-M function 
in many cases of interest. 

“ Recently Jeffries Wyman, Jr. (J. Am. Chem. Soc. 68, 1482 (1936)) has given a 
summary of the dielectric constant characteristics for a large number of polar liquids. 
He takes as a basi*^ of correlation the polarization constants of the substances ap- 


propriate to the low-pressure gas phase and finds the expression 
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CONCLUSIONS 

By way of summary of the facts available at this time it appears that in 
the case of the gases helium, hydrogen, and nitrogen the C-M function is 
independent of the density and of the temperature. In the case of nitro- 
gen there is possibly a faint indication of a positive trend of the function 
with density. These gases do not absorb in the infra-red and possess 
Ij~L values equal to the C-AI values at low densities. In the ease of nitro- 
gen there is reason to infer that the L-L function is independent of density, 
in view^ of Magri’s data on air. 

In the case of carbon dioxide, methane, and propane we deal with sub- 
stances which absorb in the infra-red. The C-M function for the gaseous 
phase is independent of density and temperature in the case of methane 
to densities of 6.01 moles per liter (166.3 cc. per mole), and the L-L func- 
tion is equal to the C-M value. For carbon dioxide below 15 moles per 
liter, however, the C-M function is not quite independent of tempera- 
ture and there appears to be a positive dependence on density. The C-M 
function for the liquid phase of carbon dioxide or for densities (exceeding 
16 moles per liter appears to show a negative dependence and, considering 
the gaseous and liquid phase data together, a maximum exists for a den- 
sity of about 15 moles per liter or a volume of 1.51 cc. per gram. The 
magnitude of the initial variation of the function is roughly 2 per cent for 


reciprocal T. The relation is said to be ‘Tairly satisfactory when applied to the 
variation of the dielectric constant with temperature and with pressure in the case 
of a number of polar liquids.^' 

In the succeeding article Lars Onsager (ibid. p. 1486) gives a theory for electric 
moments for molecules in liquids. He shows that the original Mosotti oxpres.sion 
for the internal field is not applicable to permanent dipoles. The computational 
scheme makes use of the excised cavity device in the dielectric (assumed for this 
portion of the considerations to be a continuum), and a molecular model is employed 
consisting of a rigid sphere assumed to contain a natural dipole of value fto in vacuo. 
The liquid is envisaged as a close-packed system of the spheres in contact, whose radii 
are determined from the L-L expression. 

One form of the resulting dielectric constant expression is as follows: 


- 1 




4:TrNfJL^ 


+ 2 a» • " ' QkT 

where a is the polarization per spherical molecule of radius a, obtained from the L-L 
expression, N is the number of molecules in a unit volume of substance, and 

3e(w* + 2) 

/(., n») ia the function — ^ 

The derivative of the function with respect to c is negative and therefore, for constant 
n, the C M function would decrease if « increases with pressure. This accords 
with fact, for as far as known the dielectric constant increases with density without 
exception, and the C-M function diminishes with increasing density for all polar 
substances in the liquid phase. 
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100 atmosphere increase in pressure in the gaseous phase. The C-M func- 
tion for propane in the gaseous phase is a function of density, but there is 
insufficient data to indicate a temperature dependence. 

The dispersion formula of Fuchs for carbon dioxide at low pressure indi- 
cates that the pt)larization calculated from the Lr-L function (7.28 cc.) has 
the same value as that from the C-M function (7.35 cc.). The trend of the 
L-L function for carbon dioxide with density is, however, opposite in sign 
to the trend of the C-M function. In fact the reciprocal of the (L-L) 
function is linear in the square of the density, while the C-M function is 
almost linear in the density to fairly high densities. If the facts are really 
as represented, a gap is indicated in our general knowledge of the relation 
between dielectric and refractive phenomena at higher densities. 

The only polar substance for which C-M values exist for the gaseous 
phase at various dt'nsities and temperatures is ammonia. As in the case 
of the non-polar substances carbon dioxide and propane in the lower den- 
sity range, the trend of the C-M function is positive and approximately 
the same for the various temperatures. The value of g, the polar moment, 
deduced using the classical Debye theory, appears to be independent of 
density. The initial density dependence of the C-M function is about 5 
per cent per 100 atmospheres. 

For liquids the C-M expression trend with density, as far as present 
evidence goes, is negative and greater for polar liquids than for non-polar. 
Thus for pentane*® Danforth found about a 5 per cent decrease in the C-M 
function for the density increase corresponding to 12,000 atm. and 4 per 
cent for carbon disulfide, both at 30°C. For chlorobenzene the decrease 
was at the rate of 19 per cent for 12,000 atm. and 24 per cent for ethyl 
alcohol, both at 30°C. The magnitude of the decreases does not appear 
to vary greatly with temperature increase (45°C. interval for chloroben- 
zene and 30°C. interval for ethyl alcohol). The recent Onsager theory of 
polar molecules is in general accord with these facts, but a quantitative 
comparison between theory and fact remains to be completed. 

RELATION OF THE FACTS TO THEORY FOR GASES 

Various aspects of the unsatisfactory characteristics of Lorentz^ (and also 
Mosotti's, of course) calculation of the local polarization field have been 
recited by many commentators. The computation is indeed based on an 
interesting, if not unusual, blend of continuum and discrete-particle argu- 
ment. The interpretation of the dielectric properties of substances in rela- 
tion to their molecular structure and other phenomena has, however, 

16 W. E. Danforth observed that the reciprocal of the C-M function was linear in 
density in the case of polar substances, exclusive of ethjd ether. Carbon disulfide 
and pentane do not quite follow the lule. 
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advanced very markedly since the epochal work of Debye, thereby empha- 
sizing the importance of extending and perfecting the theory for the inter- 
pretation of the facts. Moreover the recent rapid period of evolution of 
dynamical theory has led to new concepts of molecular interaction and 
revitalized old interpretations of physical phenomena, in a way to increase 
the importance of dielectric phenomena. For this reason there is ground 
for believing that some of the disabilities of the older theory should be 
eliminated and progress made in putting the entire theory on a satisfactory 
statistical mechanical basis. Of course much solid ground must be won 
before, for example, highly compressed gases or liquids can be dealt with 
satisfactorily, but even in the latter case Lars Onsager has recently set out 
some very interesting results. 

A modest attempt (7) to form the outline of a molecular statistical theory 
of the dielectric constant for non-polar molecules may be of interest in 
connection with the variation of the C~M function with density for non- 
polar substances. The calculation, of a wholly statistical kind, has led 
to the following expression 

+ ( 2 ) 

where X is given by the function 

/3 \ ^ 3 RT0/ 

where and A are constants appropriate to the van der Waals concept of 
the molecular field.^* The values of X derived from the experimental data 
are given in table 1. 

For nitrogen the average magnitude of the density coefficient, X = 0.1, 
would call for less than 1 per cent increase in the C-M function^^ for the 
highest density measured by Michels, Jaspers, and Sanders, namely, 20.625 
moles per liter, corresponding to 1011.6 atm. at 25.3®C. There is reason 
to believe that Xcaicd. for nitrogen should be less than 0.1, owing to an 
anisotropic fluctuation effect For nitrogen, <r = —0.04 is obtained 

Kirkwood (J. Chem. Physics 4 , 592 (1936)) has given a more exact treatment of 
the problem. He takes account of a neglected item of the earlier paper causing X 
to be increased by 5/2. We have used the modified X in the present comments. 

For helium and hydrogen the predicted effect is far less than the experimental 
error for the highest densities reached in the dielectric constant measurements. 

Kirkwood’s recent paper (J. Chem. Physics 4 , 592 (1936)) on Anisotropy and 
Rotational Fluctuations” leads to the following expression for <r: 
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from Stewart^s (17) data assuming the ratio of major to minor axis for the 
polarization ellipsoid to be in the same ratio as ai to a^. The value of 
Xcaicd. now becomes almost one-half its early predicted value, or 0.5 per 

TABLE 1 


Correlation between the density trend of the C~M function and a statistical theory of 
gaseous dielectrics for non-polar molecules 


SUBSTANCS 

P IN CC. PUR 
MOLB 

A X 10-« 

IN CX:.-ATM. 

po 


Xcalod.^*^ 


PER MOLB 




He 

14.0 

21.0 

0.0216 

0.1975 

1.3445 

0.548 

2.01 

4.376 

* 

0.04 

0.10 

0.11 



* 

N, 1 

f 

1 

50.5 
(45.9) «> 

* 




CHi j 

f 

1 

55.9 

(47.0) 

2.2769 

6.57 

* 

0.17 

CO, j 

f 

104.8 

5.0065 

7.35 

0.63 

0.11 

i 

(47.2) 




(0.37) 



210.2 

13.17 

15.94 

0.30 

0.12 

1 

[ 

41.28<«) 

NH, j 

1 

1 

(40.9) 

5.3«> 

37.22 

0.26 

2.0 


i 



33.86 


(0.37) 


(1) From viscosity data. All other values are from p-v-T data. 

(2) Mean value for 50°, 100°, 150°, and 200°C. For a polar substance A is a strong 
temperature function at low temperatures. 

(3) Values corresponding to 100°, 150°, and 200°C. 

(4) Defined from C-M = Po(l + XPo/v). Values are for p—*0. 

(5) Value using “distortion^’ polarization value 6.0. 



* The precision of the data makes the limiting value of Xobsd. uncertain. 

cent and therefore not a great deal larger than corresponds to the present 
probable experimental error of the C-M values at the highest densities. 

In the case of carbon dioxide Xobsd. is about 0.63 for zero density at the 
average temperatures. The most representative values for /i and A for 




2 (ai — 0^2) 
(ai -f ^2) 



sinfe“‘ 


e 

(1 - e*) 



« — 2/3 when e— ► 1 

ai 2a2 

where ai andaa are the polarizabilities corresponding to the major and minor axes or a 
symmetrical ellipsoid assumed for the molecular ro'^del. The eccentricity for long 
molecules c — ► 1 leads to the second expression. 
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computing X is however open to some question.^® For example, if p is 
derived from Amagat^s data, X is found to be about 0.11. There is reason 
to believe, however, that for substances whose critical state is at ordinary 
temperatures and higher, the value of P derived from viscosity (4) gives a 
more reliable number. Using then the viscosity data, Xcaicd. becomes 
0.37. This must be reduced by the amount of the a whose value is roughly 
—0.09, leaving Xcaicd. equal to 0.28, or less than one-half the value 
observed. 

It will be further observed that expression 2 requires that X vary linearly 
in the reciprocal of temperature. Reference to figure 3 indicates that the 
slope of the 150°C. low density data is less than for the 100°C. data and 
this in turn is less than the 30°C. data, in qualitative accord with the re- 
quirements of the equation. From equation 2, using the value of P from 
viscosity data, the initial difference in slopes for the 30°-100°C. data 
amounts to A(Po)caicd. = 0.31, — a quantity considerably less than would be 
deduced from the smooth line for 100°C. and the dotted line for 30°C. 
It will be noted, however, that the data at lower densities are scarcely 
precise enough to establish the values of the slopes exactly. 

The theory of the dielectric constant for a polar substance along the 
lines of Keyes and Kirkwood ^s development has not been carried through. 
On the other hand, the recent theory of Lars Onsager could scarcely be 
applied to a gas, as in fact he emphasizes. The value of Xobsd. for am- 
monia is 0.26, while the value of Xc»icd. is 2, an altogether different order 
of magnitude. If, however, the distortion polarization for ammonia is 
used in computing X, the number 0.37 results. Of course the value of 
Xcaicd. of the table should be reduced, owing to the Kirkwood anisotropic 
fluctuation effect <7 for a polar molecule. The theory for this effect has 
likewise not yet been worked out. [We have just learned from J. H. Van 
Vleck that he has calculated the value of X for polar molecules. The 
details will be published elsewhere shortly. In the case of ammonia the 
computed value of X is 0.4, in good agreement with our data as regards 
order of magnitude.] 

No reference has been made to ‘‘association” as a factor in accounting 
for departures from the C-M relation. The term does not appear to have 
any closely defined connotation, — a defect very likely related to the fact 
that estimates of its magnitude derived from quite varied phenomena 
seldom lead to comparable numbers. In spite, however, of the often con- 
tradictory aspects of applications of the idea, there does exist a well justi- 

The values b and a from van der Waals theory using critical data should not be 
used. See the following section. 

*® This fact was noted by H. H. Uhlig in his thesis submitted for the degree of 
Doctor of Philosophy, Massachusetts Institute of Technology, 1932. 
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fied impulse to incorporate into certain correlative attempts some allow- 
ance for a tendency of molecules to agglomerate or aggregate. 

Statistical theory includes within its scope the full possibility of dealing, 
in principle, with the association or aggregation effect, having its origin in 
the increasing degree of merging of the molecular fields with density in- 
crease. The computational difficulties involved in applications of imme- 
diate interest are of course great, and it is for this reason that the applica- 
tion of statistical theory leading to the X factor was limited to a region 
where calculations may be made with precision. 

The theory of dielectrics attempted by Keyes and Kirkwood, and re- 
cently more adequately developed by Kirkwood, is qualitatively in accord 
with the facts as at present known. Quantitative comparisons will prob- 
ably, however, never be quite satisfactory using the van der Waals molec- 
ular field concept, and a less specialized representation of the field should 
be employed. 


NOTE ON THE QUANTITIES AND A 

The quantities ^ and A of the X in equation 2 have the same significance 
as the b and a of van der Waals theory, except that they arc not derived 
from critical data. Instead they may be derived from actual p-v-T data 
or from viscosity data. Only in the case of a few of the elementary gases 
(hydrogen, nitrogen, carbon monoxide) is there a fair accord between p 
and b, A and a, while in the case of helium and hydrogen at ordinary tem- 
peratures and nitrogen above 150°C., the van der Waals molecular field 
concept is quite inadequate. 

It is, however, now well known that the van der Waals equation is quan- 
titatively quite inadequate to represent the p-v^T behavior of fluids, except 
approximately in certain cases at low pressure. It follows, therefore, that 
the a and b quantities derived from critical data will in general prove quite 
valueless for representing accurately the effects of the molecular field 
appropriate to any given molecule. Values of and A derived from viscos- 
ity data at low pressure or from p-v-T data under favorable conditions 
may, how’^ever, correspond to characteristic \alues of the molecular field 
appropriate to the rough approximation of the actual molecular field 
characteristic of the van der Waals concept. 

Some insight into the meaning of the quantities and A as they relate 
to the van dor Waals concept of the molecular field may be obtained by 
considering the phase integral for low pressures. The integral may be 
written as follows: 

« One of the authors has on several occasions proposed the term “aggregation’^ 
to denote the effect of intramolecular field coupling. 
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= 2irN 




jJ2 


( 3 ) 


where is a pure temperature function in the equation of state, p = 
RT 

^ for low (strictly p — > 0) pressures. The quantity “Pot.” repre- 

sents the molecular potential which may be computed from quantum 
theory with fair accuracy for helium and hydrogen, for example. The 
dotted continuous curve in figure 5 represents the course of “Pot.” as a 
function of the distance separating a molecular pair. 

The van der Waals concept of the molecular field assumes a spherically 
symmetrical short range attractive field surrounding the molecules of 



invariable diameter <r. A pair of the molecules in contact are further 
assumed to develop an infinite repulsion. The trace in a “Pot.” vs. R dia- 
gram would therefore be represented by the continuous line in the diagram, 
figure 5, and it is evident that for some molecules the approximation may 
be too rough for many purposes. In general, where the attractive field 
or the negative potential is small relative to the repulsion, the approxi- 
mation will be very bad (case of helium, for example) (5). 

The use of the van der Waals concept in evaluating B^ in equation 3 

— Pot 

causes the quantity e to vanish on contact, where “Pot.” becomes 

infinite, and it therefore becomes convenient to consider equation 3 re- 
solved into two integrals as follows: 
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= 2TrN ^ dr - 2jriV 


dr 


= %TtN<T^ - / = (3 - A V I ( A_Y ‘ 

3 ^ P'T fOA ■ * ' 


(«-^) 


RT f='i (2j - l)i! \RT^) 
for T large 


( 4 ) 


when the negative potential varies as the inverse sixth power of the distance. 

In figure 5 the graphical scheme for evaluating of the equation of state 
is represented for the case of nitrogen, and the discontinuity introduced 
by the van der Waals concept of an infinite positive potential becomes evi- 
dent. The approximation will, in general, be more satisfactory at lower 
temperatures, where the negative area is large relative to the constant 
positive area, or 

In practice it is necessary to deduce (virial coeflScient) values from 
the experimental p-v-T data and relate them to T~^ as required by formula 
4. If sufficiently high temperature data are available, extrapolation to 
= 0 to obtain ^ will not be uncertain, as in the case of nitrogen. For 
carbon dioxide, however, the data all lie in the negative portion of the 
B^, y-i diagram, and extrapolation to T~^ = 0 for the ^^best^^ value of P 
becomes difficult. 

From the brief statement given it will be clear that representative 
values of /3 and A are not easy to obtain for carbon dioxide and for gases of 
high critical temperature generally. The “constants^^ particularly /3, 
obtained from viscosity data are in fact likely to be much more reliable 
for use in representing the effect of the molecular field. 
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I. DIPOLAR IONS 

In this paper we shall use the term “dipolar ion,”‘ in place of the German 
expression ziviticnorif to refer to a partieular type of ion usually arising from 
the dissociation of amphoteric molecules such as the amino acids. A typi- 
cal dipolar ion is represented by the isoelectric form of glycine, 
CH2C00“. Such ions arc characterized by the possession of one or 
more pairs of opposite charges and are electrically neutral. There is 
now abundant evidence (7), of which that afforded by the study of 
the dielectric constant of solutions is outstanding, to show that many 
compounds exist in the form of dipolar ions. Notable among tliese are 
amino acids, peptides and proteins, a variety of betaines, and certain 
phospholipoids. 

All the substances so far studied which appear to exist as dipolar ions are 
wholly insoluble in non-polar hquids;^ indeed in general their solubility 
decreases with decreasing polarity (dielectric constant) of the solvent, an 
effect no doubt due to the very properties liich underlie the formation of 
dipolar ions. On this account measurements of the dielectric constant of 
solutions of dipolar ions arc restricted to solutions in polar solvents. This 
would at first seem to deprive the results of much of their value, owing to 
the laf k of any exact theory by which to interpret the dielectric constant 
of polar liquids. Actually, however, when the subject is approached em- 
pirically the situation turns out to be unexpectedly simple, and we encoun- 
ter certain regular and characteristic effects which not only afford one of 
the most convincing lines of evidence in favor of the existence of dipolar 
ions but throw much light on their properties and are moreover of interest 
in regard to the general problem of the dielectric constant of polar liquids. 

* This term was first proposed by Ingold (33). 

• Dime thy Ian thrunilic acid, discussed below in section III, is a possible exoeption 
to this. 
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II. METHODS OF MEASUREMENT 

Technically the problem of the measurement of the dielectric constant 
of the solutions is one of considerable difficulty, owing to conductivity. 
Water and most of the other solvents for dipolar ions are themselves ap- 
preciably conducting, and even with the best pn^parations available the 
conductivity of the solution is always greater still. Thus aqueous solu- 
tions of the purest preparations of amino acids which have been studied 
have a specific conductivity in the neighborhood of 50 to 100 X 10“® 
mhos at a concentration of 1 mole per liter, or of the order of several hun- 
dred times that of ordinary distilled water. 

Various methods are available for measuring the dielectric constant of 
slightly conducting liquids, and most of these have been used by the dif- 
ferent investigators who have worked on the problem. The early work of 
Fiirth (27) and Bliih (1) was done with Drude^s second method at a wave 
length of about 76 cm., and more recently Frankenthal (25, 26) and Ca- 
vallaro (2, 3) have used the same method. Hedcstrand (31) employed an 
alternating current bridge at a wave length of 300 meters, and Errera (23) 
also used a bridge in his studies on proteins. Devoto, in his very extensive 
work on dipolar ions and related molecules, has used throughout Drude^s 
first method at a wave length of about 90 cm. Various forms of resonance 
method have been used by Walden and Werner (48), Errera (23), and Haus- 
ser (30). Shutt (43) has applied Fiirth^s ellipsoid method to the study of 
proteins. 

There arc, however, certain difficulties encountered, either singly or 
together, in the use of any of these methods in the study of solutions of di- 
polar ions: — the need of calibration of the circuits with accurately known 
standard liquids of dielectric constant greater than that of water; the prob- 
lem of stray capacity effects at the high frequencies made necessary by the 
conductivity; the requirement of undue amounts of solution at all but very 
high frequencies (as in Drude's first method) ; the question of adequately 
satisf 3 dng the ideal conditions of the measurement (as in the ellipsoid 
method). 

In order to avoid these troubles and at the same time to obtain absolute 
values of the dielectric constant, a new form of resonance method (49) 
was developed, specifically with a view to study of solutions of dipolar 
ions, which is adapted for use at high frequencies (3 to 20 meters). The 
resonant circuit, or resonator, is of fixed shape, designed to possess a suit- 
able inductance and capacity for the frequencies employed, and is made 
of a single rigid piece of metal with no supporting dielectric material. 
Such a resonator, which may be gold-plated to give a permanent surface, 
can be completely immersed in the body of the liquid to be measured by 
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suspension with a very fine thread which occupies a negligible volume. If 
this is done, its inductance of course remains unchanged, but its capacity 
is altered in accordance with the dielectric constant of the liquid. If we 
denote this by e and refer to the capacity of the resonator in vacuo (or, in 
practice, air) by Co , then, since the electrostatic field is wholly included in 
the liquid, the new capacity is eCo. Since the resonant frequency of the 
circuit is given by l/(27r\/AC), L denoting inductancc,=^ it follows that if 
/ is the frequency of the resonator in the liquid and/o its frequenc}'^ in vacuo 
(or air) the dielectric constant of the liquid is given by e = /q /p. In order 
therefore to measure the dielectric constant of a given liquid, it is only 
necessary to determine the natural frequency of a suitably chosen reso- 
nator, first in air and then in the liquid. Of course air may be replaced by 
any standard medium of known dielectric constant and the unknown dielec- 
tric constant determined in terms of this. It should be noted that the 
dielectric constant is always given by the ratio of two frequencies; their 
absolute values do not matter. 

In order to determine its natural frequency, the resonator, immersed in 
the desired merlium, is brought into the field of a variable vacuum-tube 
oscillator, which is coupled with a piezoelectric oscillator of very constant 
period so as to give beats with it made audible by an amplifier and a pair 
of telephones. The frequency of the oscillator is then altered by a tuning 
condenser until resonance is obtained. This is recognized by a sudden 
change in the plate current of the oscillator, due to an energy exchange be- 
tween the circuits. The corresponding frequency is then determined by an 
interpolation based on various nearby beat combinations in terms of the 
standard frequency of the piezoelectric oscillator. 

This method has been used by the author in all of his measurements 
given below except those on protein solutions disc ussed in section V. 

III. THE DIELECTRIC INCREMENTS OF DIPOLAR IONS AND RELATED 

SUBSTANCES 

A. Amino acids 

We will consider first solutions of the monoamino monocaiboxylic ali- 
phatic amino acids in water. These ampholytes form a very beautiful 
homologous series, the members of which differ from one another either in 
the number of carbon atoms in the chain or in the spacing of the carboxyl 

* This assumes that at the frequency employed the effect of conductivity is 
negligible. Control experiments at wave lengths of about 5 meters with dilute 
aqueous solutions of potassium chloride indicate that any systematic e/rors in the 
determination of the resonant frequency arising from conductivity lie within the 
fringe of the experimental errors due to the dullness of the resonance. 
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and aniino groups (as, for example, in the case of an a- and a /3-form) or 
in both these respects. If they exist as dipolar ions there is a positive 
charge on the amino group and a negative charge on the carboxyl group. 
The positive charge may be supposed to be located at or close to the center 
of the nitrogen atom, and, on the basis of resonance, the negative charge 
midway between the two oxygen atoms of the carboxyl group. As a result 
of x-ray and electron-diffraction studies there is now fairly exact informa- 
tion as to the internuclear distances of adjacent atoms and the valence 
angles in the molecules. On the basis of this, assuming that there is no 
distortion, we may readily calculate^ the distance between the positive 
and negative charges in an a-amino acid to bo 2.92 A.U. This distance 
corresponds to an electric moment of 13.9 A.U. It is not possible to make 
a similar simple geometrical calculation for other forms in which there arc 
one or more additional carbon atoms between the charged groups, because 
of the complicating effects of rotation about the valence bonds. The (ques- 
tion remains open, therefore, how this distance varies among other mem- 
bers of the series, although it may reasonably be expected to incrocose 
with the length of the chain between the amino and carboxyl groups and 
indeed statistical considerations, discussed below, indicate that it may be, 
as an approximation, proportional to the square root of the number of 
intervening atoms. Apart from the amino and carboxyl groups there are 
no polar groups in the molecules. An outstanding feature of all these 
amino acids therefore is the extraordinarily large electric moments which 
they must be supposed to possess as dipolar ions, and which may be ex- 
pected to find expression in the dielectric properties of their solutions. 

The dielectric constant of aqueous solutions of all the amino acids is 
greater than that of water. The more consistent and apparently reliable 
results show that there is a linear increa.se of dielectric constant with the 
concentration of the amino acid, and a very careful study (52) reveals that 
this linearity is maintained with a precision equal to that of the best meas- 
urements (0. 1-0.2 per cent) up to the highest concentrations obtainable — 
about 2 moles per liter in the case of a-aminobutyric acid, where the dielec- 
tric constant is 127, and 2.5 moles per liter in the case of glycine, where the 
dielectric constant is 135. This simple behavior greatly facilitates the de- 
scription and comparison of the results, since in any given case these may be 
expressed in terms of the dielectric increment per mole of solute or the 
^ ‘molar dielectric increment,^' a quantity which has in various places been 
referred to by the symbol 8 , but which we denote throughout this paper by 
Ac/Ac. 

* In this calculation the C-C distance is taken as 1.54 A. U., the C-N distance 
as 1.4 A. U., the C-0 distance as 1.29 A. U., the tetrahedral valence angle as 109® 28', 
and the angle subtended by the two oxygen atoms at the carboxyl carbon atom 
as 124®. See Stuart (45); also Pauling and Sherman (41). 
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The values of Ae/Ac for all a-amino acids so far studied are not only 
positive and large, but are all very nearly the same. This may be seen 
from table 1 , in which are summarized results of various workers on a 
large number of dipolar ions and related substances in water, and to which 
the reader is referred in connection with all the figures given below. There 
is a very satisfactory agreement between the results of Devoto at a wave 
length of 90 cm. (Ae/Ac == 25-28), those of Hedestrand obtained with a 
bridge at 300 meters (At/ Ac = 23.0-23.6) and those of the author at wave 
lengths between 2.5 and 7 meters (At/Ac = 22.6-23.2), which shows that 
there can be no question of anomalous dispersion in this range of frequency. 
The recent results of Hausser on glycine at 4 meters (Ae/Ac = 30) are 
almost certainly too high. 

When we consider acids with a greater number of carbon atoms between 
the amino and carboxyl groups, it is found, just as for the a-amino acids, 
that the values of Ae/Ac are nearly the same for all forms in which this is 
the same (sec table 1) and there is a regular increase of Ae/Ac with the num- 
Ijer of such intervening atoms. This increase is represented by the follow- 
ing figures, taken from the results of Devoto and of the author as given in 
table 1 , in which n represents the number of intervening carbon atoms (1 
for an a-ainino, 2 for a / 3 -amino acid, and so on). Because of the small 
systematic differences the values from the tw^o sources are listed separately, 
those of Devoto being marked with a single, those of Wyman and McMeekin 
with a double asterisk. 

n 1 2 3 4 5 6 

Ac/Ac 26*, 23** 35*, 33** 51*, 55** 63* 73*, 78** 87* 

A scrutiny of these figures shows that Ae/Ac increases linearly with n, and 
indeed by almost exactly 13 for each additional citrboii atom. This may 
be seen in figure 1 , in which the averages are plotted. 

These facts are at once intelligible if we suppose the amino acids in 
aqueous solution to exist predominantly as dipolar ions. In the first place 
the \ ery large values of Ae/Ac accord with the enormous moments pre- 
dicted for such ions, for although it is true that in polar liquids the relation 
between polarization and dielectric constant cannot be stated quantita- 
tively, there can hardly be any doubt that the tw'o quantities increase 
together. In the second place the practical identity of Ae/Ac for all the 
amino acids of a given type (a, / 3 , or 7 , etc. . . .) suggests a corresponding 
identity of electric moment such as would be expected whenever the dis- 
tance between the charged groups is the same, since apart from the effects 
of these groups there is no other considerable source of polarity in flic mole- 
cules, and in any case moments of the order of these calculated for dipolar 
ions would be expected to overshadow everything else, f inall}^ the regu- 
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TABLE 1 

Values of dielectric increment of dipolar ions and related substances in water 


BUBSTANCB 


DIKLECTRIC INCREMENT 


Glycine 

a-Alanine 

a-Aminobutyric acid 

a-Aminovaleric acid 

dZ-a- Valine 

Z-a-Leucinc 

d-Alanine 

^-Aminobutyric acid 

7 -Aminobutyric acid 

7 -Amino valeric acid 

6 -Amino valeric acid 

c-Aminocaproic acid 

f-Aminoheptylic acid 

Z- Asparagine 

Z-Glutamine 

d-Glutamic acid 

Z- Aspartic acid 

cZZ-Proline 

iV-Phenylglycine 

Ornithine 

Sar cosine 

d- Arginine 

Taurine 

Creatine 

Glycocyamine 

Acetylhistidine 

Glycine dipeptide 

Glycine tripeptide 

Glycine tetrapeptide 

Glycine pentapeptide 

Glycine hexapeptide 

Glycine heptapeptidef 

Glycyl alanine 

Alanylglycine 

Leucylglycine 

Glycylleucine 

iNT-Methylleucylglycine 

Glycylphenylalanine 

Phenylalanylglycine 

d-Leucylglycylglycine 

€, 6'-Diguanidodi(a-thio-n-caproic acid) 


22.6 (54), ♦ 23.0 (31), 26.4 (8), 
30 (30) 

23.2 (54), 23.6 (31), 27.7 (8) 

23.2 (54) 

22.6 (54) 

25 (9) 

25 (9) 

34.6 (54), 35 (11), 42.3 (31) 

32.4 (54), 36 (16) 

51 (11) 

54.8 (54) 

63 (11) 

77 5 (54), 73 (11) 

87 (11) 

28.4 (8), 20.4 (29) 

20.8 (29) 

26 (9) 

27.8 (8) 

21 (9) 

ca. 30 (17) 

61 (16) 

24.5 (9) 

62 (15) 

41 (9) 

32.2 (29) 

30 (29) 

62 (29) 

70.6 (54), 70 (9), 70.5 (2), 
80 (30) 

113 (54), 128 (2) 

159 (54) 

215 (54) 

234 (54) 

290 (52) 

71.8 (29) 

71 (29) 

62 (2), 68.4 (29) 

54 (11), 74.6 (29), 70 (2) 

67 (29) 

70.4 (29) 

56.7 (29) 

120.4 (29), 54 (11), 112 (2) 

151 (29) 


* The figures in parentheses give the reference numbers, 
t In 5.14 molar urea. 
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TABLE 1 — Continued 


BUBSTAKCB 


€, e'-Diaminodi(a-thio-n-caproic acid) 

Lysylglutamic acid 

Glycine betaine 

a- Amino valerianic acid betaine 

^-Aminopentadecylic acid betaine 

ir-Aminoheptadecylic acid betaine 

Pyridine betaine 

o-Benzbetaine 

m-Benzbetaine 

p-Benzbetaine 

Thiobetaine 

iV-Dimcthylanthranilic acid 

Betaine o-aminophenol 

Betaine m>aminophenol 

Betaine p-aminophenol 

Betaine of p-amino-fran«-cinnamic acid 

Betaine of p-sulfanilic acid 

Betaine of 7 n-sulfanilic acid 

4 , 4 '-Dipheny Ibetaine 

Dimethylphenylglycine 

o-Aminobenzoic acid 

m-Aminobcnzoic acid 

p-Aminobenzoic acid 

m- (C H,) ,N+C«H4CH=CHC00- 

P-(CH 3 )»N+C 6 H 4 CH=CHC 00 - (irons) 

p-(CH,),N+C«H 4 CH==CBrCOO- {Irans) 

m-(CH 3 ),N+C«H 4 CH==C(CeH 6 )COO- (as) . . . 
m-(CH 3 ) 3 N+C«H 4 CH=C(C.H 6 )COO-- (irons) 

Phenol 

Benzoic acid 

Aniline 

Ureat 

Thiourea 

Methyl urea 

Ethylurea 

Propylurea 

Urethan 

Biuret 

Semicarbazide 

Thiosemicarbazide • 

Dimethylurea (osym.) 

Dimethylurea (sym.) 

Malonamide 

Succinamide 


DIELBCTBIC XNCBBMBNT 


131 (28) 

345 (28) 

24-27 (16), 18.2 (22) 

60 (30) 

220 (70°C.) (30) 

190 (80°C.) (30) 

18.5 (22), 20.5 (30) 

18.7 (22), 20 (17) 

48.4 (22), 58 (17) 

72.4 (22), 68 (17), 62 (30) 

23 (16) 

12 (22), 16.7 (17) 

5.6 (17) 

32 (17) 

45 (17) 

100 (17) 

73 (17) 

60 (17) 

155 (29) 

17 (17) 

Low (13) 

41 (13) 
ca. 0 (13) 

71 (18) 

100 (18) 

102 (18) 

25 (18) 

90 (18) 

- 6.6 ( 8 ) 

-07 (8) 

-7.6 (8) 

3.4 (8), 3.15 (12), 2.72 (51) 
4 (8) 

3.7 (9) 

1 ( 11 ) 

1 ( 11 ) 

-4.3 (9) 

-6.3 (9) 

0 (9) 
ca. 0 (9) 
ca. 0 (9) 

3 (9) 

4,3 (9) 
ca. — 1 (9) 


t The relation is not linear, 
increment at zero concentration. 


.t 
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TABLE 1 — Concluded 


Acetamide 


8I7BSTANCa 


DIXLBCTRXC INCRBMBNT 


ca. -0.8 (9) 


dZ-Mal amide 

Benzamide 

Sulfamide 

Nitrome thane 

Hydantoin 

Pyrrolidine 

Pyridine 

Dime thy Ipyrone 

2 , 5-Dioxopiperazine 

Glycine anhydride 

Succinimide 

Acetoacetic ether 

Hydroxylamine 

/3-Indolepropionic acid§ 

Acetanilide 

Acetonitrile 

m-Dihydroxybenzene 

o-Dihydroxybenzene 

p-Dihydroxy benzene 

Methyl acetate 

1,2-p-Aminophenyl arsenic acid 


2 (16) 

-4.1 (8) 
7(10) 

-2 (16) 
-6.4 (11) 
- 1.0 ( 11 ) 
-4.2 (11) 
ca. -3 (16) 
-10 (9) 
-10 (9) 
-10 (9) 
-5.9 (16) 
-0.8 (16) 
-8 (29) 

-4 (8) 
-1.74 (8) 
-6 (16) 
ca. -6 (16) 
-6.4 (16) 
~5 (16) 

1.2 (16) 


§ In 47.05 per cent ethanol. 



Fio. 1. The dielectric increments of amino acids, n « number of carbon atoms 
between the amino and carboxyl groups. 
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lar increase of Ae/ Ac with the distance between the amino and carboxyl 
groups indicates a corresponding increase of moment. This would be ex- 
pected on the basis of a dipolar ionic structure, but hardly otherwise; if 
the amino and carboxyl groups contribute to the moment simply as ordi- 
nary polar configurations there is no reason why the net cfTect should in- 
crease so consistently with their separation in the molecule. The exactly 
linear form of the increase of Ae/Ac with n is more than could have been 
foreseen simply on the basis of the character of dipolar ions, and has impli- 
cations which will be taken up later. 

ihis interpretation of the behavior of the amino acids in aqueous solu- 
tion is confirmed in a very satisfactory way by a study of the moments of 
their esters, wdiich, unlike the acids themselves, are readily soluble in non- 
polar liquids. Values of the moments of a number of such esters have been 
determined by Wyman and McMeekin (55), as given in table 2. Since it 

tablp: 2 


Electric moments of amino acid esters 


aUBBTANCK 

MOMENT 

Glycine ethyl ester 

e.s.u. X 10»8 

2 11 

2.09 

2.13 

2 13 

2.11 

2.13 

2.14 

2.11 

a- Alanine ethyl ester 

a-Aminobutyric acid ethyl ester 

a-Aminovaleric acid ethyl ester 

Valine ethyl ester 

a-Aminocaproic acid ethyl ester 

/3“ Alanine ethyl ester 

jS-Aininobutyric acid ethyl ester 



is well known from a large number of cases that the replacement of a hydro- 
gen atom by a methyl group does not appreciably alter the moment of a 
molecule,® we may accept the moments of these esters as the same as those 
of the corresponding amino acids in the unionized state, which cannot 
themselves be directly measured. If we do ^his it is apparent from the 
data in table 2 that unionized amino acids are molecules of very moderate 
electric moment, not at all such as would be expected to show the very large 
positive dielectric increments observed in aqueous solution. Various sub- 
stances not capable of forming dipolar ions but with moments greater than 
these and soluble in water altogether fail to show such increments. More- 
over there is no difference between the moments of the a- and /3-forms to 

» Thus, for example, the moments (e.s.u. X of acetic acid, methyl acetate, 
ethyl acetate, and ethyl propionate are, respectively, 1 73, 1.75, 1.81, and 1.79 (see 
Smyth (44), appendices). 
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correspond to the pronounced difference in the dielectric increments ob- 
served in aqueous solution. Devoto (11) has made a comparison of inter- 
est in this connection between 7-aminobutyric acid and its anhydride, 
pyrrolidone. In the anhydride the formation of dipolar ions is of course 
impossible, and the value of Ae/Ac in water is found to be —1 (11). The 
moment of pyrrolidone in benzene is given as 2.3 X 10~^® e.s.u. (14), ac- 
tually somewhat greater than that of amino acid esters. 

B. Peptides 

The peptides of glycine form a homologous series similar to the aliphatic 
amino acids, although containing an additional source of polarity due 
to the amide linkages. Like the amino acids, they may be expected to 



Fia. 2. The dielectric increments of peptides of glycine, n = number of glycine 
units in the molecule. 

exist as dipolar ions, and this is in accordance with the dielectric incre- 
ments. The first seven peptides of glycine have been studied, the seventh 
to be sure not in water, where it is very insoluble, but in a 5.14 molar 
aqueous solution of urea; and the values of Ae/Ac are found to increase 
linearly with the number (n) of glycine units in the peptide, by an amount 
equal to about 45 for each additional unit, up to a value of 290 for the 
heptapeptide. This is shown in figure 2. Devoto (9) has found that, in 
contrast with its isomer glycylglycine, 2,5-dioxypiperazine has a negative 
molar dielectric increment, — 10. 

The study of the dielectric constant in the case of these two series not 
only affords very strong evidence that the compounds exist as dipolar ions, 
but suggests a simple correlation between the dielectric increment Ae/Ac 
and the magnitude of the electric moment. This would not of course 
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enable us to calculate absolute values of the electric moments, but it would 
make it possible to estimate relative values. That the correlation holds 
from one series to another, and that Ac/Ac does indeed reflect quite directly 
the magnitude of the moments, is borne out by the fact that the dielectric 
increment of glycylglycine (70.5) is about midway between that of c- 
aminocaproic acid (73-77.5) and 5-aminovaleric acid (63), whereas the 
distance along the chain between the charged groups of the peptide is 
about the same as in a 5-amino acid. We have taken no account of the 
contribution to the moment due to the amide linkage. This point of view, 
which emerges from the study of amino acids and peptides, is greatly 
strengthened by the results of further studies on solutions of other com- 
pounds in water and in other solvents. 

C. Betaines 

The betaines form a class of compounds closely resembling the amino 
acids, and in view of their similarity of behavior they, too, must be sup- 
poseid to exist as dipolar ions (22). For any given amino acid there is a 
corresponding betaine, which differs from it only in that the three hydro- 
gens of the positively charged amino group are replaced by three organic 
radicals, represented, in all the cases with which we shall be concerned, 
by three methyl groups. If in these cases also, as would be expected, the 
positive charge of the dipolar ion is located at or near the center of the 
nitrogen atom, the moment of a betaine should be very close to that of the 
corresponding amino acid, and therefore on the basis of our empirical pic- 
ture we should expect the dielectric increments of the two to be nearly the 
same. This turns out to be the case. For glycine Ae/Ac =23; for its 
betaine Ae/Ac =18; for 3-amino valeric acid Ae/Ac =63; for its betaine 
Ae/Ac = 60. Structurally pyridine betaine (CeHsN * CH 2 COO“) and 
thiobetaine ((CH 3 ) 2 ’^SCH 2 COO“) should have moments close to that of 
glycine betaine (though the S-C distance is 1.8 A.U. as compared with 
the N-C distance of about 1.4 A.U.) (45, p. 81) ; actually the corresponding 
values of Ae/Ac are 18.5 and 23. The amino acid with the greatest sepa- 
ration of charged groups so far studied is f-aminoheptylic acid. Recently 
results have been published (30) on the betaines of f-aminopentadecylic 
acid and 7r-aminoheptadecylic acid, in which there are respectively four- 
teen and sixteen CH 2 groups between the amino and carboxyl groups (30). 
The valiK^s of Ae/Ac are given as 220 at 70°C. and 190 at 80°C. for the 
f- and TT-forms, respectively. It was necessary to work at these high tem- 
peratures because of the insolubility of the compounds, but it is known that 
values of Ac/Ac do not change rapidly with the temperature. Thus for 
glycine the dielectric increment changes from 22.58 to only 23.80 between 
25® and 0®C. (54). We may therefore consider these values in connection 
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with other results at room temperature. The fact that the dielectric in- 
crement is less for the tt* than for the ^-form is probably due to experimental 
errors or the presence of impurities. In any case both figures given are in 
approximate agreement with a continuous increase of Ae/Ac by 13 for each 
additional intervening CH 2 group between the charges, as indicated by 
data over a more restricted range in the case of the amino acid series. 
Such an increase would imply values for Ae/Ac of 192 and 218 for the 
and TT-betaincH, respectively. 

Data are also available for the three benzbetaincs ( 0 -, m-, and p- 
(CH8)3N+^C8H4C00~). The values of Ae/Acfor the ortho, meta, and para 
forms olitained by PMsalland Wyman are 19, 48, and 72; the values given 
by Devoto are 20, 58, and 68. In accordance with our picture, therefore, 
those betaines also undoubtedly exist as dipolar ions. In these cases the 
amino and carboxyl groups are attached to the rigid benzene ring. As- 
suming the ring to bo a plane hexagon, 1.39 A.U. on a side, the distances 
between the charged groups in the undistorted molecules should be 3.23, 
5.49, and 6.36 A.U. On this basis the moment of the ortho compound 
should be slightly greater than that of an a-arnino acid; the value of Ae/Ac 
is actually slightly less. In contrast to 0 - and p-benzbetaines the 0 - and 
p-aminob('nzoi(; acids have values of A^/Ac close to zero, and this accords 
with other properties. Thus the aminobenzoic acids have relatively low 
melting points (140“180®C.), they dissolve appreciably in non-polar sol- 
vents, and the dissociation constants of the ortho and para forms imply 
a ratio of dipolar ions to un dissociated molecules in the neighborhood of 
one (20). Unlike the ortho and para forms m-aminoberizoic acid has a 
dielectric increment of 41, and it is reasonable to assume that in this case 
the dipolar ions outnumber the unionized mol(‘Cules. This accords with 
data on its dissociation constants (20), with the fact that it shows consider- 
able elc(;trostriction (6), and with its heat of reaction with bases (19). 

Another molecule closely related to the benzbetaincs is W-dimethyl- 
anthranilic acid ((CH 3 ) 2 NC 6 H 4 COOH). This shows quite unusual 
properties (22). Unlike amino acids and betaines it has a low melting 
point (70°C.), and gives rise to but little elec trostrict ion in water (0.6 cc. 
as compared with 4.6 cc. for o-benzbetaine) ; moreover, it is very soluble in 
non-polar solvents. On the other hand its dissociation constants, at least 
in water and alcohol, indicate that it exists mainly as a dipolar ion, and its 
dielectric increment is 12, a value less to be sure than that of o-benzbe- 
taine, a corresponding dipolar ion, but still indicative of highly polar prop- 
erties. It is possible, as suggested by Pauling in conversation, that in the 
case of this molecule the polarity is due not to the structure of a true dipolar 
ion, but to the formation of a hydrogen bond between the carboxyl and 
methylated amino groups. This would account for the large moment 
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measured in benzene, 6.31 X e.s.u. Such a value otherwise re- 

mains puzzling, for the acid is almost certainly not a dipolar ion in ben- 
zene and the moment of its methyl ester, which would ordinarily be ex- 
pected to be the same as that of the unionized acid, is only 2.05 X 
E.s.u. (22). 

This methyl ester of dimcthylanthranilic acid is also of interest in com- 
parison with its isomers, the benzbetaines. Unlike them it is a liquid 
under ordinary conditions, having a boiling point of 139°C. at 16 mm. 
of pressure. Also quite unlike them it is insoluble in water but dissolves 
freely in non-polar liquids as well as in other organic solvents. In solvents 
of dielectric constant greater than about 10 it shows negative values of the 
dielectric increment, and in a mixture of 50 per cent water and ethyl 
alcohol, where it is still appreciably soluble, Ae/Ac = —9.4 (22). In the 
same solvent the benzbetaines all have large positive diek'c-tric increments. 
From this it is clear that in the case of the betaines, owing perhaps to the 
bulk of a methyl group as compared with a proton, there is no labile equi- 
librium between dipolar ions and undissociated molecules governed by the 
properties of the solvent, such as is indicated for the corresponding amino 
acids by the study of dissociation constants. 

D. Other dipolar ions 

Results on various additional substances which have been studied in 
water are also given in table 1. These include a number of other betaines 
and related compounds, some of which show very large dielectric incre- 
ments, as well as several other peptides. It is in accordance with our 
picture that all the peptides of a-amino acids, whether they contain sub- 
stituted organic radicals or not, show dielectric increments close to those 
of the corresponding peptides of glycine. Three peptides, each containing 
two free amino and two free carboxyl groups, have also been investi- 
gated, —lysylglutamic acid, €,c'-dianiinodi(a-thio-n-caproic acid), and e, e'- 
diguanidodi(a-thio-n-caproic acid). The exceptionally large value of 
Ae/Ac = 345 for lysylglutamic acid accords with an extended configura- 
tion with a considerable separation of the centers of gravity of the positive 
and negative charges. The much smaller values of Ae/Ac observed for 
the two other peptides (131 and 151 respectively) imply smaller dipole 
moments and suggest a considerable amount of rotation about the S-S 
linkages. The fact that the increment of the diguanido- is greater than 
that of the diaminopeptide agrees with the fact that the separation of posi- 
tive and negative charges in both halves of the symmetrical molecule is 
greater in the former than in the latter. 

It may be pointed out here that although many of the cases we have dis- 
cussed are those of relatively large molecules, there has been no evidence 
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of anomalous dispersion at wave lengths longer than 2.5 meters, such as 
have been used in the author’s measurements, and only for glycylleucine 
and d-lcucylglycylglycine do Devoto’s results at 90 cm. seem significantly 
lower than results at longer wave lengths. 

The point of view which we have developed enables us to deal empirically 
with a number of other molecules. Taurine (NHtCH 2 CH 2 S 03 "') has a 
dielectric increment of 41, somewhat greater than that of an aliphatic 
jS-arnino acid, and must certainly exist in the ionized form as we have writ- 
ten it. Sarcosine (N(CH 3 )H 2 '‘“CH 2 COO“) behaves like ana-amino acid. 
The same is true of dZ-proline, a cyclic amino acid in which the distance 
between the nitrogen atom and the carboxyl group should be much the 
same as in an aliphatic a-amino acid. Z-Aspartic and d-glutamic acids 
both have two carboxyl groups, and in each case the dielectric increment 
shows that it is the group in the a position with respect to the amino group 
which is ionized in the dipolar ion. This is in accordance with expecta- 
tions based on dissociation constants (21). The three diamino acids 
Z-asparagine (NH 2 COCH 2 CHNH 2 COOH), Z-glutamine (Nll 2 CO(CH 2 ) 2 - 
CHNH 2 COOH), and ornithine (NH 2 (CH 2 ) 3 CHNH 2 COOH) have dielec- 
tric increments of 20 or 28, 21, and 51, respectively. In the two former 
compounds therefore it is the a-amino group, in the latter compound the 
more distant arniiio group which dissociates. This shows the effect of an 
amide linkage on the properties of the NH 2 group. The dielectric incre- 
ment: of creatine (NH:C(NH 2 )NCH 3 CH 2 COOH) and glycocyamine 
(NH:C(NH2)NHCH2C00H), 32 and 30, respectively, are close to those of 
i8-ainino acids, although somewhat less, and the compounds must both be 
supposed to exist predominantly as dipolar ions. In these cases, owing to 
resonance, the positive charge should probably be regarded as located on 
the terminal carbon atom bearing the two nitrogens. rZ- Arginine (NH: 
C(NH 2 )NH(CH 2 ) 3 CHNH 2 C 00 H) has a dielectric increment of 62, and 
here again, owing to resonance, it is probably the terminal carbon atom 
between the nitrogens which carries the positive charge. In acetylhisti- 
dine, also with an increment of 62, one of the nitrogens in the ring must 
bear a charge. 


E, Amides 

Carbamide and various substituted ureas which have been studied form 
an exceptional group of compounds. For the most part their aqueous 
solutions have dielectric constants greater than that of water, but the rela- 
tion between dielectric constant and concentration, at least for carbamide 
itself, is not linear; and the values given for the dielectric increments, 
however estimated, are all much less than for amino acids, the greatest 
being 7 in the case of sulfamide, S02(NH2)2. In view of their positive 
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dielectric increments it has been suggested that they exist as true dipolar 
ions, for example, 

NHt 

/ - 

NH:C 

"'o 

in solution (9). They do not however, so far as data are available, show 
the electrostriction characteristic of dipolar ions. It is probably more 
correct to interpret the behavior on the basis of a resonance effect, whereby 
the carbon atom may be regarded as bearing a negative, and either one of 
the nitrogens a positive, charge (42). This is in accordance with the rela- 


TABLE 3 

Electric moments of various amides 


aiTBSTANCB 

MOMSNT 

RKFEKBNCB 


e.a.u. X low 


Dimethylurea, symmctrivml | 

4.8 

5.1 

(32) 

(14) 

Tetraethylurea 

3 3 

(14) 

Propyl urea 

4.1 

(14) 

Acetamide 

3.6 

(14) 

Sulfamide 

3.9 

(14) 

Benzamide 

3.6 

(14) 

Valcramide 

3.7* 


Caproamidc 

3.9* 



* From unpublished measurements of Wyman on benzene solutions. Polariza- 
tions decrease rapidly with concentration. 


tively large moments of a number of these amides in non-polar solvents, 
given in table 3. 

F, Dielectric increments in solvents other than water 

A consideration of the dissociation constants of the amino acids and their 
esters in aqueous solution indicates an overwhelming preponderance of 
dipolar ions over undissociated molecules. Corresponding considerations 
in the case of solutionf? in alcohol-water mixtures indicate a steady diminu- 
tion in the proportion of dipolar ions with an increase in the percentage of 
alcohol; nevertheless even in 90 per cent alcohol the ratio of dipolar ions 
to uncharged molecules should be of the order of 500 or 1000 to one (21). 
It is in accordance with this that the dielectric increments of amino acids 
in alcohol-water mixtures are all characteristieally large. Beyond this 
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point of general agreement, however, there emerges the unexpectedly 
simple result that the numerical value of the dielectric increment of a given 
amino acid remains almost unchanged with varying composition of the 
alcohol-water solvent (52). This fact, without regard to any theoretical 
implications it may have, is further evidence for our purely empirical con- 
ception of the dielectric increment as a very direct, simple, and significant 
expression of the polar properties of the dissolved molecules. At the same 
time it at once raises the question how far this constancy of the values of 
the dielectric increments persists in other solvents, wheie the molecules 
may be expected to exist primarily in the form of dipolar ions and therefore 
possess the same characteristic moments. 

Data in regard to this question are provided by studies (52) on the dielec- 
tric increments of two amino acids, glycine and a-aminobutyric acid, dis- 
solved in aqueous solutions of urea and of each other. Although the 


TABLE 4 


Solutions of oL-aminohutyric acid (25°C.) 


SOLVENT 


Ac/Ae 

80 per cent ethyl alcohol 

35.37 

24.0 

60 per cent ethyl alcohol 

47.20 

22.1 

40 per cent ethyl alcohol 

59.41 

22.6 

20 per cent ethyl alcohol 

69.82 

23.6 

Water 

78.54 

23.5 

2.58 molar urea 

87.37 

20.9 

0.961 molar glycine 

99 8 

23.1 

1.993 molar glycine 

124.05 

19.0 

2.510 molar glycine 

134.9 

18.4 



* The dielectric constant of the solvent. 


dissociation constants have not been determined under these conditions, 
the dielectric constants of the solutions are in all cases high, and it is rea- 
sonably certain that the amino acids exist overwhelmingly as dipolar ions. 
The results on a-aminobutyric acid, together with the results on solutions 
in alcohol-water mixtures, are given in table 4. The rasults on glycine are 
essentially the same. It is apparent that the dielectric increment remains 
remarkably constant in all these solvents. 

Similar data are available for the three benzbetaines and glycine betaine, 
which, as we have pointed out, probably exist wholly in the form of dipolar 
ions under all conditions. In figure 3 are shown the results of Edsall and 
Wyman (22) on solutions in ethanol-water and ethanol-benzene mixtures, 
and in figure 4 hitherto unpublished results of the author on solutions in 
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dioxane-water mixtures.® It is apparent that in solvents of dielectric con- 
stant greater than 20 or 26 the values of the dielectric increment remain 



Fig. 3. The die’octric increments of betaines dissolved in ethanol-water and 
ethanol-benzene mixtures. €o = dielectric constant of solvent. 1 = p-bcnzbetaine; 
2 =» m-benzbetaine; 3 =* o-benzbetaine; 4 » glycine betaine. 



Fig. 4. The dielectric increments of betaines dissolved in dioxane-water mixtures. 
Co dielectric constant of solvent. 1 =* p-benzbetaine; 2 ** m-benzbetaine; 3 — 
o-benzbetaine. 


• In certain cases, always in solvents of dielectric constant less than 25, the di- 
electric constant-concentration relation, d«/dc, is not linear, diminishing with the 
concentration. In these cases the values of the dielectric increment plotted in the 
figure are the estimated values corresponding to zero concentration. 
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fairly constant and there is no considerable difference between the two sets 
of solvents. This is like the case of the two amino acids studied. In 
solvents of dielectric constant less than 20 or 25, the dielectric increments 
decrease markedly with the dielectric constant of the solvent, specific dif- 
ferences between the solvents become larger, and in general the situation 
is complicated. We shall not attempt to discuss it here. 

All that we wish to emphasize at this point is the way in which the facts 
fit into an essentially simple picture, which emerges from a consideration 
of all the data on solutions of dipolar ions in solvents of high dielectric 
constant, and of which the main features are the following: linear variation 
of dielectric constant with the composition of the solution; characteristic- 
ally large values of the dielectric increments; close correlation of these with 
the relative magnitudes of the electric moments; their approximate inde- 
pendence of the nature and dielectric constant of the solvent. From this 
picture it appears that to a certain unexpected extent, in the case of 
strongly polar liquid systems, the dielectric constant is an additive property. 

HI. THE INTERPRETATION OF THE DIELECTRIC CONSTANT OP POLAR 

LIQUIDS 

In the previous section we have made no attempt to account for the 
character of the results in terms of the theory of the dielectric constant or 
to estimate numerical values of polarizations or moments. We have 
simply made use of the general point of view that the magnitude of the 
dielectric constant is positively correlated with the polarization. In this 
section we shall deal tentatively with both these matters. 

It is clear at the start that the additive character of the dielectric con- 
stant, which is such an essential feature of the results, can hardly be ac- 
counted for on the basis of Debye's theory, developed primarily to deal 
with gases and dilute solutions in non-polar solvents. For in any system it 
is the polarization which is fundamentally the additive property, and in 
accordance with this theory the relation between dielectric constant and 
polarization per unit volume (p) is not linear but corresponds to a hyper- 
bola: 


- 1 


€+2 


( 1 ) 


In the case of a dipolar ion like a-aminobutyric acid, where the dielectric 
constant is so exactly linear in the concentration and the molar dielectric 
increment varies so little between different solvents, we should have to 
invoke an almost incredible degree of compensating variation in the po- 
larizations to account for the facts in accordance with equation 1, for, 
owing to the nature of the function, € is exceedingly sensitive to p in all 
media of high dielectric constant: 
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Pdt ^ (e + l)(t — 1 ) ^2) 

«dp 3e 

For example, if we assume the polarization of the solvent to be independent 
of the concentration of solute, this would be represented by a very exactly 
prescribed decrease in the polarization of the dipolar ions, on the one hand 
with increasing concentration in a given solvent and on the other hand 
with increasing dielectric constant of the solvent at a given concentration. 

It is equally clear that the Debye theory fails to give satisfactory roi^ults 
when used to calculate the moments of the dipolar ions. Thus, taking 
ac(;ount of optical polarizations, we arrive at the following moments 
(e.s.u. X 10^®), based on data in water at a concentration of 0.2 mole per 
liter; glycine, 1.30; a-alanine, 1.51; a-aminobutyric acid, 1.67; a-amino- 
valeric acid, 1.79; /S-alanine, 1.58; /3-aminobutyric acid, 1.73. These re- 
sults arc unreasonably small, in all cases actually less than the moments of 
the esters of amino acids measured in benzene, which are close to 2.12 X 
10~^® E.s.u. Moreover, the regularity which is so apparent in the values 
of the molar dielectric increment is completely lost; and the values for the 
moments of the larger a-amino acids arc actually greater than those of the 
smaller /3-amino forms. 

This is only a particular instance of a general difficulty always encoun- 
tered in the application of the theory to media of high dielectric constant. 
Owing to the nature of the equation (1), it follows that as the dielectric 
constant increases, the polarization per unit volume increases more and 
more slowly and approaches unity as a limit when e tends to infinity.’^ It 
is for this reason that in highly polar media calculated values of polariza- 
tions per mole are limited by the partial molal volumes, which they ap- 
proach whenever the dielectric constant is large; and this effect masks 
everything else. Indeed, even in the case of dilute solutions in non-polar 
solvents there is now evidence, owing to the very careful work of Muller 
(39), that this same difficulty is appreciable. 

Various attempts have been made to deal with this effect in calculating 
the values of moments from data on solutions. For instance, van Arkel 
and Snoek (46) have attempted to do so by modifying the expression for the 
dipole portion of the polarization in terms of the electric moment. The 
phenomena exhibited by solutions of dipolar ions in polar liquids forcibly 
suggest quite another and more radical point of view. It appears that the 
only simple way to account for a body of facts which would otherwise con- 
stitute a set of very unlikely coincidences is to assume that in media of 
high dielectric constant the relation between dielectric constant and po- 
larization is linear: 


^ This corresponds to the Curie point. 
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€ = a + 6p (3) 

where p denotes polarization per unit volume, a and b are constants, and 
a < e. If we accept this point of view it follows at once that whenever 
the volume polarization of a solution varies linearly with its composition 
the dielectric constant must do likewise. At the same time we have a 
ready explanation of the approximate constancy of the dielectrici incre- 
ment from solvent to solvent, and of its sameness for dipolar ions having 
moments of about the same size. If we assume the polarizations and 
partial molal volumes of solute and solvent to be independent of concen- 
tration, and if we denote by V the partial molal volume of the solute, by C 
its concentration in moles per liter, by P its molar polarization, and by e 
the dielectric constant of the solvent, it follows from equation 3 that 

de _ bP — y(eo — o) 

dc IMO ^ ^ 

The data show that the effect of the second term on the right is small for 
dipolar ions; thus in water the ratio 

F € o /(1000 de/dc) 

is but 0.15 for glycine and 0.07 for the heptapeptide of glycine. From this 
it follows that the dielectric increment should be approximately propor- 
tional to the molar polarization, or, since the optical polarization is a neg- 
ligible fraction of the total, to the square of the electric moment, lliis 
way of accounting for the situation was suggested by the writer, in a some- 
what more specific form (52), and it has been adopted by Werner Kuhn (36). 
Recently it has been discussed further (53). 

From a physical point of view the interesting implication of a linear re- 
lation between dielectric constant and polarization is in regard to the in- 
ternal field. In accordance with the classical theory it follows that the 
ratio of tliis to the electric intensity increases without limit as the volume 
polarization approaches unity. On the basis of a linear relation it follows 
at once from the fundamental equations that the ratio remains finite when 
p increases indefinitely (53). This would be accounted for by the inter- 
action of the molecules in the interior of the liquid, as Onsager (40) has 
attempted to do. 

From a chemical point of view a linear relation has interesting implica- 
tions with regard to the configuration of the dipolar ions in solution, al- 
though of course it is impossible to estimate numerical values of the mo- 
ments without a knowledge of the constants. We have seen from the 
study of aliphatic amino acids and betaines and of peptides that the dielec- 
tric increment increases linearly with the length of the chain between the 
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o])positely charged groups in the molecule. Since it follows from equation 
4 that the dielectric increment is approximately proportional to the square 
of the moment, this implies that in these cases the average value of the 
square of the distance between the charged groups also increases linearly 
with this length. I'his agrees with statistical deductions. Eyring (24) 
and Werner Kuhn (35) have both derived expressions for the mean 
square distance between the ends of a ^‘straight^^-chain structure in which 
there is free rotation about valence bonds but no distortion of valence 
angles, and agree that as an approximation this quantity should be pro- 
portional to n, the number of atoms in the chain.® In these derivations no 
account is taken of the volume occupied by the chain or of the effects of 
forces between various parts of the molecule. In the case of dipolar ions 
the electrostatic attraction between the oppositely charged groups at the 
ends of the chain would be expected to reduce considerably. In a more 
recent discussion Kuhn (36) has shown that this is so even in water where 
the dielectric constant is high, although the approximate proportionality 
of and n is not affected. By taking account of this attraction and 
assuming a value of 1.5 A.U. for the distance of closest approach of the 
charged groups in amino acids, Kuhn calculates the following mean square 
values of the distance between the charges in relation to Z, where Z is 2 
more than the number of CH 2 groups separating the amino and carboxyl 
groups : 

Z 3 4 5 7 9 12 16 25 

C=*(A.U.2).. . .3.88 5.54 7.3 11.6 16.4 24.5 38.2 69 

Kuhn also develops an argument to show that any distortion of dipolar ions 
(c.g., stretching) due to the application of an extenial field makes no differ- 
ence to their polarizations, so that the cff^‘ctive moments should be the same 
as those due to mean square distances as they exist in the absence of an 
external field. 

These considerations lend support to the view that in strongly polar 
liquids the relation between dielectric constant and volume polariza- 
tion is linear. Quite recently an attempt has been made to obtain other 
evidence in regard to this point from a consideration of pure liquids (53). 
One hundred and forty cases were considered in which there are data on the 
dielectric constant as well as on the electric moments. As a tentative pro- 

* Eyring’s formula is 

C* = Cl[n -f- 2(n - 1) cos 0 + 2(n - 2) cos* B - +2 cos-'^ B] 
where B is the supplement of the valence angle, Ci is the distance between the centers 
of adjacent atoms of the chain, and the length of the chain is nCi. Kuhn’s formula is 
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cedure hypothetical values of the volume polarizations of the liquids were 
calculated by assuming for the liquid state the same molar polarizations as 
are found in the vapor or in solutions in non-polar solvents, and by taking 
account of the number of molecules per cubic centimeter. These hypothet- 
ical values of the volume polarization were then compared with the dielec- 
tric constant. Except in the case of relatively few liquids such as formic 
acid, pnissic acid, water, formamidc, and various alcohols, which are 
generally supposed to be strongly associated, owing to the formation of 
hydrogen bonds, and are anomalous in many respects (for example, see 
Kumlcr (37)), the results indicate a linear increase of dielectric constant 
with polarization which is fairly satisfactory in view of the nature of the 
procedure. A similar treatment of data on individual liquids over a range 
of temperature and pressure also gives results in accordance with a linear 
relation between polarization and dielectric constant. 

We may try the effect of using these data to estimate rough values of the 
constants in equation 2. b then turns out to be between 6 and 10 and the 
best value appears to be close to 8.5; a is small, about equal to —1. Mo- 
ments (X 10^® E.s.u) of several dipolar ions calculated from equation 4 on 
the basis of b = 8.5 and a = — 1 are as follows: glycine, 12.2; jS-alanine, 15; 
7 -aminobutyric acid, 18; 6-aminovaleric acid, 20; e-aminocaproic acid, 22; 
glycine tetrapeptide, 31; glycine hexapeptide, 38. The corresponding 
moments calculated from the values of given by Kuhn are 9.4, 11, 13, 
15, 10, 24, and 32, respectively. For the longer chain molecules the agree- 
ment is moderate. Kuhn^s values for the smaller molecules, such as glycine 
and jS-alanine, are almost certainly too small, since the value of 1.5 A.U. 
assumed for the distance of closest approach of the amino and carboxyl 
groups is too small, and since in any case the treatment is not applicable to 
a-amino acids, where free rotation does not affect the moment, and is prob- 
ably not well suited to the shorter chain molecules generally. As we have 
seen, on the basis of atomic dimensions we should predict a moment for 
glycine of 13.9 X 10~^® e.s.u., and recent calculations based on the applica- 
tion to solubility data of a model developed by Kirkwood (34) give a mo- 
ment of 15.2 X IQ-^® E.s.u. 

Onsager (40) has very recently developed a treatment of the dielectric 
constant of liquids which would appear to account for all this in a most 
satisfactory way, indeed even to the numerical factors. According to his 
theory the value of b is determined by the ^^intemal refractive index^^ of 
the molecules. If this is taken as 1.46, b turns out to be 8.5, the value ob- 
tained empirically from the data on the liquids, a is negligible in com- 
parison with €. 
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IV. ANOMALOUS DISPERSION OF DIPOLAR IONS 

Among the ampholytes existing as dipolar ions the proteins may be ex- 
pected to show exceptional dielectric properties, owing to their enormous 
size and the great number of dissociating groups poss(\ssed by even the most 
inert of them. The recent work of Svedberg and others shows that the 
molecular weights range from a value of 1700 to 3000 for clupein (38), 
the smallest protein molecule so far studied, up to values of several million 
in the case of certain hemocyanins. For molecules of this size we may ex- 
pect large relaxation times and anomalous dispersion at radio fn^quencies. 

The number of free dissociable groups in a protein is determined by the 
number of dlacidic and dibiisic amino acids which it contains, and if there 
is no ring formation it is two more than this number. The moment of the 
protein molecule as a dipolar ion is determined by the number of pairs of 
positive and negative charges which it carries as a result of the ionization 
of such groups and by their relative positions in the molecule. In all pro- 
teins this number appears to be considerable. For example, even in such 
an inert protein as zein it is about 6® and in egg albumin it is 27 (5, 47). 
Although little or nothing is known as to the spacial arrangement of these 
groups in the molecules, it is evident that in general the proteins may be 
expected to have unprecedentedly large resultant moments even among 
dipolar ions. 

Fiirth (27) early studied aqueous solutions of two proteins, ‘‘Kahlbaum’s 
albumin’’ and gelatin, by means of Drude’s second method at a wave length 
of 90 cm., and found that the dielectric constant of the solutions was less 
than that of water. The negative dielectric increments obtained by Fiirth 
are in no way inconsistent with the character of the proteins as dipolar ions 
of large moment, for, as we have seen, it would be expected that at 90 cm. 
he was working within or below the region of anomalous dispersion. That 
this is the case has since been clearly shown by measurements of the author 
(50) on solutions of the plant protein zein in 70 per cent n-propyl alcohol 
over a range of temperatures and wave lengths, and by more recent work of 
Eriera (23), Calvallaro (3), and Shutt (43). The results of all these in- 
vestigators show that at longer wave lengths the proteins have large posi- 
tive dielectric increments. Thus in the case of egg albumin dissolved in 
water Shutt’s results (at 200 cycles per second) indicate a value of the di- 
electric increment of approximately 4000, and Errera’s results (at wave 
lengths up to 20,000 meters) a value of about 10,000. In spite of the quan- 
titative discrepancy it is evident from this that egg albumin must have an 
enormous moment: values calculated from these figures by means of equa- 

* See Cohn, ilerggren, and Hendry (4). The value 16, given in their paper, ia 
based on a molecular weight now known to be about three times too large. 



236 


JEFFRIES WYMAN, JR. 


tion 4 are of the order of 200 X 10~‘* e.s.u. Other proteins appear to have 
similarly large dielectric increments. 

It is of interest to consider these results quantitatively in terms of 
Debyc^s theory of anomalous dispersion. In accordance with this the 
measured value of the dielectric constant drops from an upper static value 
€o to a lower limiting value as the frequency of the measurement is 
increased to such a point that the dipoles can no longer follow the alternat- 
ing field, in accordance with the following equation, 


where 


€ — ^00 + 


- ^00 
1 + 


X = 2Tr 


(cq 2 ) 
(^00 + 2 ) 


( 5 ) 


and r denotes the relaxation time and v the frequency. The frequency 
Pe at which the dielectric constant is midway between the upper and lower 
values, i.e., c = (eo + €«,)/2, is given by 


Ve = 


_ (cqo + 2) 

27rT (co 2) 


If we are dealing with a solution there should be a region of anomalous dis- 
persion for each component determined in a(;cordance with equation 5 
by the relaxation time of each. If instead of the classical relation between 
dielectric constant and polarization we assume any linear relation such as 
that apparently prevailing in highly polar media, it is easy to show that the 
expression for a: is replaced by X = l/27rrand Pc — l/27rr. The form of the 
dispersion curve is therefore the same whether one assumes the classical 
or the linear relation, and if €o and are both large, as in the (fase of a 
protein in aqueous solution, the numerical value of Pc is approximately 
the same on the basis of either interpretation of the dielectric constant. 

The results on zein may be fitted satisfactorily by equation 5. This is 
shown in figure 5, in which is plotted the dielectric constant of a 4.2 per 
cent solution against the logarithm of the frequency at tw^o temperatures. 
The smooth curves are calculated from equation 5 with the following choice 
of constants: at 69.5®C., €o = 40.5, = 27.0, x =2.58 X 10“^; at 50°C. 

€0 =41.0, €«, =29.8, x =3.91 X 10“^. On the basis of the classical theory 
these values of x correspond to relaxation times of 2.8 X 10“* sec. and 4.6 
X 10’ ® sec. at 69.5® and 50®C., respectively; on the basis of a linear rela- 
tion the corresponding values are 4.1 X 10“® sec. and 6.2 X 10~® sec. The 
measured viscosities at the two temperatures, to which of course the relaxa- 
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Fig. 5. The dielectric constant of a 4.2 per cent solution of zein in 70 per cent 
n-propyl alcohol as a function of frequency, v. The smooth curves arc calculated 
from equation 5. 



Fig. 6 . The dielectric constant of a 0.4 per cent aqueous solution of hemoglobin 
as a function of temperature. The smooth curve is calculated from equation 6. 
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tion times should be proportional, are 0.017 and 0.034, respectively. If we 
assume the zein to have a molecular weight of 34,500 and to consist of 
spherical molecules, the relaxation times at the two temperatures calculated 
from Stokes^ formula are 4.4 X 10” ® sec. and 9.2 X 10”® sec., respectively, 
quite close to the experimental results. The values of the dielectric in- 
crements reckoned from the values of co and are approximately 12,000 
at 69.5°C. and 10,000 at 50°C. 

For comparison there arc shown graphically in figure 6 Errera^s re- 
sults on a 0.4 per cent solution of hemoglobin in water at 13°C. The 
smooth curve corresponds to equation 5 with eo = 86.8, = 82.2, and x 

= 1.12 X 10“*. The relaxation time corresponding to this value of x 
is close to 2 X 10” sec. on cither interpretation of the dielectric constant. 
That calculated from Stokes’ formula, taking account of the viscosity of 
the solution (= 0.0118 poise), on the basis of a molecular weight of 68,000 
is 7.1 X 10"®. Other results of Errera are fitted less closely by the theoreti- 
cal curve, the region of dispersion extending in general over a longer range 
of frequency than is required by the simple theory, and the dielectric con- 
stant often showing an unexplained drop at the lowest frequencies. 
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INTRODUCTION 

The dielectric constant presumably varies widely in biochemical systems. 
Urea, the amino acids and peptides, the proteins and the phospholipoids 
are known to increase the dielectric constant of even so polar a solvent as 
water. Fats, on the other hand, have low dielectric constants. All arc 
important constituents of the body. The dielectric constant of different 
tissues may thus be expected to vary widely, depending upon the electrical 
properties of the molecular components. 

Strong electrolytes are constituents of all biological systems, and so the 
dielectric properties of cells and tissues cannot be measured by existing 
methods. Instead it has been necessary to purify constituents of such 
systems until their conductivity was low, and then measure the dielectric 
constants of their solutions. Such measurements have now been made in 
a number of laboratories on a large number of amino acids and peptides, 
and the results, with widely different methods, arc extremely concordant. 
Measurements upon amino acids and peptides, purified or synthesized by 
one or another of my collaborators, have been reported to you in the pre- 
ceding paper by Wyman, and we can assume this knowledge in the follow- 
ing discussion. The measurements on egg albumin and hemoglobin made 
by Errera in Belgium have essentially been confirmed in our laboratory by 
Onclcy, who is extending them to other proteins and to solvents of other 
dielectric constants. 

The impetus to all this work came, of course, from the investigations of 
Debye. It had long been known that amino acids, peptides, and proteins 
were amphoteric electrolytes. In the same year in which Debye explained 
the behavior of strong electrolytes in terms of interionic forces, Bjerrum 
(3) — developing an idea that had previously been advanced by Bredig (8) 
and Adams (2) — demonstrated that amino acids, in the isoelectric condi- 
tion, were not uncharged molecules, as had previously been assumed, but 
were what had been called zwittcrions, and what for lack of a better 
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name, we shall call dipolar ions.^ Although these neutral molecules have 
no nc^t charge, and therefore do not move with the electric current, they 
bear equal numbers of positively and negatively charged groups on their 
surface. These dissociated groups give rise to electrostatic forces, which 
influence solvent molecules, other ions, and dipolar ions. It was to be 
hoped, therefore, that the development for dipolar ions of Debye’s electro- 
static force theory would offer fresh insight into the behavior of these im- 
portant molecules. My colleagues, Scatchard and Kirkwood (34, 54), 
have both contributed to this aspect of the problem, and I shall leave to 
them its presentation, retaining for myself the task of describing the phe- 
nomena, whenever possible in quantitative terms, that need to be under- 
stood if we are to have an insight into systems containing many compo- 
nents, — some ions, some dipolar ions, and some uncharged molecules. 


I. CHANGE IN FREE ENERGY WITH CHANGE IN SOLVENT 

Born and Fajans in 1920 considered the change in free energy involved 
in the transfer of ions from an infinitely dilute gas to an infinitely dilute 
aqueous solution, and formulated an equation which may be written 

in which e is the elementary charge of the electron, z the valence of the ion, 
b its radius, and N Avogadro’s number. If the transfer is from water to 
some medium other than a vacuum, which has the dielectric constant D, 
this expression becomes 


i? _ _ 1) 

2b \D Do) 


Debye and McAulay (22) employed this equation in their study of mixed 
solvents. They followed Born in regarding the ions as electrical spheres 
of radius h. The solution outside this radius b was treated as continuous 
and of uniform dielectric constant. 

The extension of this equation to the case of dipolar ions, although it has 
had a preliminary theoretical treatment (34, 54), has heretofore lacked an 
adequate experimental background. In recent studies we have estimated 
that part of the change in free energy due to electrostatic forces by com- 
paring amino acids and peptides with comparable uncharged molecules 
(41, 42). Thus the logarithm of the solubility ratio — expressed as mole 
fraction in water. Not and in ethanol, Na — of glycine may be compared 


' There is no adequate translation of the word “Zwitterion”. We shall tenta- 
tively adopt the term ^'dipolar ion” introduced by Ingold, although it is not an ideal 
description of this class of molecules. 
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with glycolamide, of alanine with lactamide, and of norleucine with a-hy- 
droxycaproamidc (table 1). These amides oi a-hydroxy acids have the 
same composition as, though different structures than, the a-amino acids. 
The comparison of solubilities in water and ethanol is somewhat unsatis- 
factory, however, because certain of the molecules are very soluble in water 
(43). Under these circumstances, solubility ratios may not yield activity 


TABLE 1 

Influence of dipolar ionization estimated by comparison of a-amino adds and a-hy- 

droxy amides 


orAMINO ACIDS 

LOG Nj^/Nq 

AMIDES OP 
rt-HYDROXY ACIDS 

LOG N^/Nq 

INFLUENCE 
OP DIPOLAR 
IONIZATION 

Alog 

Glycine 


Glycolamide 



H O 


11 0 



1 


1 ^ 



+H,N'— C— C - 

-3.391 

HO— C— C 

-0.799 

-2.692 

1 \ 


1 \ 



H 0 


H NHa 



Alanine 


Lactamide 



H O 


H 0 



1 ^ 


1 




-2.a56 

no— (;— c 

-0.254 

-2.602 

1 \ 


1 \ 



HCH O 

1 


HCH NIL 

1 



1 

H 


1 

H 



Norleucine 


oL-IIydrt xycaproamidc 



H O 


H 0 



1 


1 Z' 



+H,N— C— C - 


HO— C— C 



1 \ 


i \ 



(HCH)3 o 

1 

-1.414 

(HC^H), NHa 

1 

-fl.084 

-2.498 

1 

HCII 

1 


HCH 

1 



1 

H 


1 

H 




ratios. None the less, the solubility ratio Na/Nq is consistently from 
three hundred to four hundred times greater for the a-hydroxyamides 
than for the a-amino acids. 

The comparison of amino acids and peptides with their hydantoic acids 
is more satisfactory, for, although the hydantoic acids prepared from them 
differ not only by the shift in proton characteristic of dipolar ion structure 
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TABLE 2 


Influence of dipolar ionization estimated by comparison of 

with hydantoic acids* 

amino acids and peptides 

SUBBTANCB 

LOa OF 
80L.UB1LITT 
RATIO 

LOO N/Nn 

INFLUBNCB 
or DIPOLAR 
IONIZATION 

Formamide 

Glycine 

-1.229 


Hydantoic acid 

+0.755 

-0.360 

-1.98 

a-Aminocaproic acid 

a-Aminocaproic hydantoic acid 

+1.728 

-2.09 


Methanol 

Glycine 

-2.515 


Hydantoic acid 

-0.271 

-2.24 

at-Aminocaproic acid 

-0.657 

a-Aminocaproic hydantoic acid 

+1 .568 1 

-2.23 



Ethanol 


Glycine 

-3.391 


Hydantoic acid 

-0.630 

-2.76 

a-Alanine 

-2.856 

a-Alaninehydantoic acid 

/3-Alanino 

-0.139 

-3.139 

-2.72 

/3-Alaninchydantoic acid 

-0.463 

-2.68 

o-Aminocaproic acid 

-1 414 

a-Aminocaproic hydantoic acid 

+1.352 

-4.367 

-2.77 

Diglycine 

Diglycinehydantoic acid 

Triglycine 

-1.533 

-4.965 

-2.83 

Triglycinehydantoic acid 

-2.253 

-2.71 



Butanol 


Glycine 

-3.808 


Hydantoic acid 

a-Aminocaproic acid 

-1.011 

-1.711 

-2.80 

a-Aminocaproic hydantoic acid 

+1.118 

-2.83 



Acetone 


Glycine 

-4.401 


Hydantoic acid 

-1.520 

-2.88 

a-Aminocaproic acid 

-2.432 

a-Aminocaproic hydantoic acid 

+0.437 

-2.87 



* These solubility data are reported in more detail in references 15, 41, and 42. 
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but also by a CONH group, this represents a constant difference estimated 
at +0.14 from comparison of glycolamide or lactamide with hydantoic 
acid and mcthylhydantoic acid. Diglycino is isomeric with methylhydan- 
toic acid, that is, the hydantoic acid derived from «-alanine, as well as that 
from ^-alanine. Their comparison is, however, not satisfactory, since both 
the CONH and the CII 2 groups require different amounts of work for their 
transfer, depending upon their position in the molecule (42). Comparison 
of a large series of amino acids and pef)tid('s with the hydantoic acids 
prepared from them (by treatment with potassium cyanate under the 
appropriate conditions) yields the consistent difference for the transfer 
from water to various other solvents shown in talkie 2. These st\idies 
suggest that, within the limits of error of the measurements, that i)art of the 
free energy of transfer from water to another solvent due to electrostatic 
forces is independent of the dipole moments of these molecules and of the 


TABLE 3 

Influence of C'Ha groups and of dipolar ion structure on change of free energy with 

change in solvent 


SOLVENT 

DIBI.EC- i 
Title 

CONSTANT 

INKLTJBNCB OK 
CII2 GUO UPS 

1 

INFLUENCE OF 
DIPOl All IONIZATION 

loR 

AN/No 

AF calc. 

lOK 

AN/No 

AF calc. 

Formamide 

>84 

+0.23 

314 

-2.03 

-2768 

Methanol 

32.71 

+0.44 

600 

-2.24 

-3054 

Ethanol ' 

24.28 

+0.49 

668 

-2.73 

-3722 

Acetone 

20.83 

+0.49 

60)8 

-2.87 

-3913 

Butanol 

17 ru 

+0 53 

723 

-2 82 

-3845 

Heptanol 

9.33 

+0.53 

723 




number of CH 2 groups in the paraffin chain. Thv. result is the same if we 
compare glycine or norleucine, diglycinc or triglycinc, with their hydantoic 
acids. And the result is of the same order of magnitude whether the 
comparison is with hydantoic acids or a-hydroxyamid(\s. 

The same measurements may be employed in calculating the work 
involved in the transfer for each additional CH 2 group in paraffin chains 
ending in methyl groui)S.2 This change in free energy has the opposite 
sign from that due to dipolar ionization and is the same whether the CH 2 
groups are on uncharged molecules or dipolar ions. 

The influences of CH 2 groups, and of dipolar ionization, upon the free 
energy of transfer to a variety of solvents estimated by comparison of 
a-amino acids and their derivatives are summarized in table 3. 

* For CHa or CONH groups situated between polar groups the problem is far more 
complicated (42) and is not considered here. 
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These results arc far simpler than could have been predicted on the basis 
of theoretical considerations. They do not reveal the expected influence 
of the dipole moments of the molecules on the free energy of transfer (34, 
54), nor, in the case of the more soluble molecules, the influence of dipolar 
ions on each other in their saturated aqueous solutions. The latter effect 
has been estimated to be 0.15 for glycine in water from freezing-point 
measurements (55), and to be 0.13 from vapor-pressure measurements at 
25®C. (57). Moreover, change in log N/No — or in AF — is not proportional 
to the reciprocal of the dielectric constant. Thus the characterization of 
the solvent in terms of its dielectric constant is a less satisfactory approxi- 
mation than in the case of ions. 

Wlicn one considers that the electrostatic forces surrounding dipolar ions 
are of shorter range than those surrounding ions (34, 54), whereas their 
dimensions are far greater (11, 13), it is obvious that Coulomb forces cannot 
be expected as nearly to explain the behavior of dipolar ions as of ions. 
Among dipolar ions, those with (‘Icctric moments large in comparison with 
their volumes behave most like ions, whereas those with moments small in 
comparison with the length of their paraffin side chains behave most like 
uncharged organic molecules. 

Solubility in ethanol-water mixtures 

Solubility in three-component systems is more complicated than in the 
two-component systems thus far considered. Besides the forces between 
solute molecules and the two solvent species, there are ^^he forces between 
the solvent molecules themselves. Moreover, if the affinity of the solute 
is far greater for the one than for the other solvent, a redistribution of 
solvent molecules may occur in the neighborhood of solute molecules so 
that the solvent as a whole can no longer be considered a uniform medium. 

None the less, studies upon amino acids, peptides, and their derivatives 
in ethanol-water mixtures illustrate many of the types of behavior with 
which we are concerned, and enable us to distinguish, at least qualitatively, 
between the forces due to the charged groups of dipolar ions and those due 
to the paraffin chain. When the logarithm of the solubility ratio of glycine 
and its peptides is plotted as ordinate against the mole fraction of ethanol 
in the solvent (figure 1) the three curves are very similar. All have steep 
segments at low mole fractions of alcohol, with comparable points of inflec- 
tion in the range in which the solvent molecules are approximately equal 
in number. In systems containing larger amounts of ethanol the logarithm 
of the solubility may, as a first approximation, be considered to vary in- 
versely as the mole fraction of ethanol. Straight lines have been drawn 
through these segments of the curves of glycine and its peptides. 

The curves describing the behavior of formyl derivatives of the amino 
acids, their hydantoins and hydantoic acids in ethanol-water mixtures 
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(41, 42) also form a family, though their shape is quite different from that 
of the amino acids and peptides from which ihey were derived. For, 
whereas small amounts of alcohol diminish the solu])ility of a-amino acids 
and the peptides of glycine, they increase the solubility of their derivatives 



Fig. 1. Solubility of amino acids, peptides, and related substances in ethanol- 
water mixtures at 25^C. 

which are no longer dipolar ions. This is particularly marked with a- 
aminocaproic hydantoic acid. The additional CH 2 groups of this mole- 
cule as compared with hydantoic acid arc reflected by increased solubility in 
gyHt.p. TnH rich in ethanol. The curve for this substance is very similar to 
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that for formylleucine or benzamide (41) and such other typical organic 
compounds as acetanilide and acetnaphthalide. The isomer, c-amino- 
caproic hydantoic acid, in which the CH 2 groups lie between polar groups, 
behaves far more like the formyl derivative or hydantoin of a-aminobutyric 
acid (42); that is to say, like a molecule with two less CH 2 groups. Its 
solubility in 80 per cent ethanol is approximately tenfold that in water and 
threefold that in ethanol, a type of behavior characteristic of a class of 
proteins, the prolamines. 

All naturally occurring a-amino acids are less soluble in ethanol-water 
mixtures than in water.* Whereas small amounts of ethanol greatly 
diminish their solubility, larger amounts have less effect the longer the 
paraffin side chains of the molecule (figure 1). Dipolar ions differing from 
each other only by the number of CH 2 groups in paraffin chains ending in 
methyl groups, ncH 2 > ^^^e related in their solubility behavior to glycine 
by the following approximate rule: 

log (W/A^o)Klycino ~ l^K (•^/■^o)o'»mino ftcid 0.49 ^CHj (3) 

where all solubilities are givcai in mole fractions and V 2 is the volume fraction 
of ethanol in the solvent (41). In absolute alcohol the above equation 
reduces to the rule, and yields the value given in table 3. Whether the 
same rule with the coefficient characteristic of the other pure solvents 
studied will hold also for their mixtures with water remains to be investi- 
gated.^ It is also possible that comparable relations may obtain between 
various tripeptidos and triglycine. In any case it would appear possible 
to analyze solubility ratios of a-amino acids in various solvents in terms 
of the charged groups and the length of the paraffin side chains in which 
they differ from each other. In these terms, also, one may hope to be 
able to analyze the behavior of still more complicated peptides, phospholip- 
oids, and proteins. 

II. CHANGE IN FREE ENERGY WITH CHANGE IN IONIC STRENGTH 
AND DIELECTRIC CONSTANT 

The influence of neutral salts in increasing the solubility of proteins is so 
marked that it was observed in the middle of the last century. In 1859 

* The rules that have been deduced (table 3) demand that this should not be true 
for a-amino acids containing more than eight CH 2 groups, and measurements upon 
a-aminostearic acid demonstrate that it is far more soluble in ethanol than in water. 

* The logarithm of the ratio of solubility of a-amino acids in butanol saturated 
with water, to that in water (23), has a coefficient close to 0.4 for the CH 2 group, 
whereas the coefficient for formyl amino acids in pure butanol is 0.53. The volume 
fraction of butanol in a solution saturated with water is 0.835. Neglecting the 
effect of the amino acid on the solubility of water in butanol, and assuming the same 
equation to hold for butanol-water as for ethanol-water mixtures, we should have ; 

0.63 v\ ncH« “ 0.53 X 0.835*7icHi 0.37 ncH* 
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Denis, a French scientist, noted that certain of the proteins of the blood 
were insoluble in water, but soluble in dilute salt solutions. Proteins that 
behave in this way are classified as globulins. As a result of a study upon 
serum globulin in 1905 Mellanby concluded: ^ ^Solution of globulin by a 
neutral salt is due to forces exerted by its free ions. Ions with equal 
valencies, whether positive or negative, are equally efficient, and the 
efficiencies of ions of different valencies are directly proportional to the 
squares of their valencies’^ (44, p. 373). This accurate formulation of the 
principle of the ionic strength — rediscovered in 1921 by G. N. Lewis (38) 
as a description of the effects of mnitral salts upon each other — acquired 
theoretical significance in Debye’s theory of interionic forces. The ionic 
concentration, P, defined as the summation where z is the valence of 
each ionic species, is related in Debye’s theory to the t(*inperature, the 
dielectric constant of the medium and k, a measure of the thickness of the 
ion atmosifficre, by the equation: 

= ^2.67 X lO- . . 

1000 DKT ^ DT ^ ^ 

The dielectric constant thus plays an important role in this theory in 
determining that part of the activity coefficients of ions due to Coulomb 
forces, fe. 

- log/e = (2.303 x'2DK7^ (l + ko) 

In this ecpiation the dielectric constant is considered uneffccted by change 
in ionic strength. If the dielectric constant of the medium also changes, a 
constant comparable to that employed by Debye and McAulay (22) and by 
Hiickel (31) must also be added. 

Since biological systems contain ions of various kinds as well as other 
components, some of which presumably decr(»ase and others of which arc 
known to increase the diehictric constant of water, the significanc(j of these 
relations can scarcely be overemphasized. W(*re the? interaction between 
dipolar ions and ions completely defined by the above equation, and were 
it necessary merely to substitute in equation 5 the change in the dielectric 
constants of solutions due to biological components in order to estimate the 
change in the activity coefficients of ions in biochemical systems, the prob- 
lem would indeed be simple, at least in sufficiently dilute salt solutions. 
The influence of different ions would then depend upon their radii, 6, their 
mean effective diameters, a, and valence, z, and the dielectric constant. 

The Coulomb forces due to ions are not, however, the only ones which 
we must consider. The conditions in wffiich the activity coefficients of ions 
and dipolar ions may be expected to depend most completely upon Cou- 
lomb forces will, however, be considered first. These obtain in media of 
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low dielectric constant at low temperatures. Conversely, the specific 
properties of ions and dipolar ions manifest themselves the more the higher 
the temi)erature and the dielectric constant. 

In dilute solutions of electrolytes the logarithm of the activity coefficient 
is proportional to k and to the square root of the ionic strength. In the 
case of dipolar ions the logarithm of the activity coefiicient does not vary 
as the square root, but as the first power of the concentration. This was 
(‘inpirically discovered by studying the solvent action of neutral salts upon 
cystine, and theoretically demonstrated by Scatchard and Kirkwood (54) 
in an extension of the theory of Debye and Illickel to dipolar ions. They 
dc'monstrated that the term proportional to the square root of the (;oncen- 
tration vanishes when the net charge is zero. 



Fia. 2. Activity coefficients: •, of sodium chloride (Harned and Nims: J. Am. 
Chem. Soc. 64, 423 (1932)); O, of cystine in sodium chloride. 

The activity coefficients of cystine in the presence of sodium chloride, 
estimated by the solubility method, are compared with those of sodium 
chloride in the accompanying figure, so plotted as to demonstrate how 
completely this dipolar ion deviates from the square root law applicable 
to ions (figure 2). The activity coefficients of most amino acids cannot be 
determined in water by the solubility method because of their high solu- 
bility. The activity coeflScients of glycine in sodium chloride solution 
have, however, been calculated by Scatchard and Prentiss (55) from freez- 
ing-point measurements and by Joseph (33) from electromotive force 
measurements at 1.4°C. in cells with amalgam electrodes, but without 
liquid junctions. The results of these two investigations are completely 
in accord and yield precise information regarding the influence of salt upon 
glycine and of glycine upon salt in aqueous solution. 
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Influence of sodium chloride upon glycine in medio, of varying 
dielectric constant 

IVIost amino acids, peptides, and proteins are sufficiently insoluble in 
ethanol— water mixtures not to contribute appreciably to the dielectric 
constant of such solutions. Under these conditions the properties of the 
solutions approach those of the pure solvents. Glycine is soluble ui water 
to the extent of 2.886 moles per liter. In 60 per cent ethanol its solubility 
is 0.157, in 80 per cent 0.0278, and in 90 per cent 0.0056 moles per liter 
(15). 



Fig. 3. Interaction of glycine in lithium chloride and cthanol-water mixtures; 
3a, uncorrected; 3b, corrected for the influence on activity coefficients of the 
dielectric constant. 


The solvent action of neutral salts upon glycine is greater tlu^ lower the 
dielectric constant of the medium. This is demonstrated if the ratio of the 
solubility in the cthanol-water mixture containing neutral salt, .V, to that 
in the same ethanol-water mixture, N' , is plotted against the concentration 
of salt (figure 3a). 

If the logarithm of the solubility ratio is multiplied by the dielectric 
constant ratio [(D/Do) log N/N% and plotted against (Do/D) r/2 the 
curves for glycine in 60, 80, and 90 per cent ethanol containing lithium 
chloride coincide within the limit of error of the measurements (figure 3b). 
We may, therefore, conclude that beyond 60 per cent ethanol changes in 
the activity coefficient of glycine with change in ionic strength are largely 
ascribable to Coulomb forces. 
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The addition of salt to an alcohol-water mixture increases the volume. 
Some decision must therefore be made as to the manner in which to compute 
the dielectric constant in the four-component systems here considered. 
Since dielectric constant measurements cannot be made in the presence of 
electrolytes, it remains an open question whether solutions would be more 
nearly isodielectric where the volume occupied by the salt is neglected, as 
well as any contribution of the salt to the dielectric constant, or whether 
the volume occupied by the salt should be considered to have the same 
properties as water and the sum of water plus salt be retained constant. 
Measurements have been made in systems constituted in both ways, and 
the solubility, computed in solvents defined in either way, yields the same 
results. All of the curves extrapolate to closely the same value for the 
limiting slope, which may be taken as 0.30 rt 0.02 regardless of the ethanol- 
water mixture, or of the method of defining the systems. 


Influence of different alkali halides upon glycine 

Kirkwood has developed an equation for the interaction between ions 
and dipolar ions and applied it to precisely these measurements upon gly- 
cine (34). In his equation the first term for the logarithm of the activity 
coefficient of a spherical dipolar ion increases with the square of its dipole 
distance divided by a, the sum of the radii of ion and dipolar ion. The 
greater the dipole moment the greater the solvent action of neutral salts. 
Moreover, if the center of the dipole be considered the center of the mole- 
cule, as in glycine and presumably many spherical proteins, this effect at 
low ionic strengths will dominate all others, since will be large in com- 
parison with a. 

The change in free energy is a very complicated function of the ionic 
strength in the Kirkwood equation, and this is especially true if the charged 
groups of dipolar ions are at the edge of the molecule. Under these cir- 
cumstances the multipole moments cannot be neglected. If the limiting 
slope alone is considered, all terms up to the octopole moments being in- 
cluded, Kirkwood^s expression may be written: 


{D/D,) log/6 
(Do/D) r/2 



where p is the distance of the charged groups from the center of the mole- 
cule. The distance from the edge of the molecule, a value that is probably 
fairly constant for amino acids, peptides, and proteins, is therefore (6 — p). 
Kirkwood's analysis of our curve for glycine yielded 10 A.U.* as an esti- 
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mate for or 3.17 A.U. for R. This is equivalent to a moment of 
15 X 10~^® E.s.u, We have now studied the influence of other alkali halides 
on glycine, with the intention of varying this parameter in the above 
equation. Taking the radius of glycine to be 2.82 A.U. (13) and the radii 
of the salts, 6, to be those cstimatcvd by Pauling (50), one obtains the esti- 
mates of 0.125/a shown in table 4. Assuming R- to be 10 A.U., the limit- 
ing slope of glycine in lithium chloride would be 0.32, in good agreement 
with our experimental findings. The studies upon sodium chloride and 
potassium chloride do nou reveal lower but rather higher limiting slopes 
(0.31 ± 0.01) than for lithium chloride,^ and curvature is very similar, al- 
though, according to the theory, deviation from the limiting slope should 
be greater the larger the value of a. 

TABLE 4 


Sum of the radii of glycine and alkali halides 


HALIDSa 

RADII OP IONS 

b 

SUM OF RADII OF 
GLYCINE AND IONS 
(2.82 + 6) 

a 

0.125/a 

Lid 

A.U. 

1.082 

A.U. 

3 90 

0.0321 

Nad 

1.231 

4.05 

0.0309 

Kd 

1.381 

4 20 

0.0298 

LiBr 

1.138 

3.96 

0.0316 

NaBr 

1.288 

4.11 

0.0304 

KBr 

1.438 

4.26 

0 0293 

i 

Lil 

1.221 

4.04 

0 0309 

Nal 

1.370 

4 19 

0.0298 

KI 

1.520 

.1 34 

0 0288 






The radius of lithium chloride Pauling estimates to be the smallest 
among the alkali halides, and that of potassium iodide to be more than a 
third again as great, namely, 1.52 A.U. According to equation 6 the 
limiting slope should therefore be approximately 10 per cent smaller and 
the curvature should also reflect the larger value of a. The measurements 
upon the interaction of potassium iodide and glycine in ethanol (figure 4) 
reveal an appreciably lower limiting slope than in the case of sodium chlo- 
ride or potassium chloride. The interaction of other alkali halides, as 

^ In water, where these salts differ from each other far more in their influenc e upon 
amino acids and proteins, the solvent action of lithium chloride is greater than that 
of sodium chloride and that of sodium chloride than that of potassium chloride, 
and their salting-out effect is in the reverse order. 
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well as salts of other valence types with glycine and also with other amino 
acids and peptides, is being further investigated. Studies upon the influ- 
ence of calcium chloride upon glycine in 80 per cent ethanol suggest that 
the solvent action of bi-univalent salts is greater than that of uni-univalent 
salts in this solvent as in water. 

Influence of salt upon cystine 

Most naturally occurring amino acids are less soluble in water than 
glycine; the imino acids proline and hydroxyproline are exceptions, as 
well as lysine and arginine, which are not a-amino acids. Solubility of 
amino acids in water is, as we have seen, generally decreased with increase 



Fig. 4. Interaction of glycine and alkali halides in ethanol-water mixtures 

in the number of CH 2 groups in the molecule. The longer the paraffin 
chain the greater the salting-out effect of neutral salts upon amino acids 
and this is greatest, as in the case of the iiroteins, for uni-bivalent salts, 
such as phosphates and sulfates and least, as has long since been shown by 
Pfeiffer and his collaborators (51), for bi-univalent salts, such as calcium 
chloride or strontium nitrate. 

In order to determine the conditions under which the principle of the 
ionic strength — first described in connection with the solubility studies 
upon the proteins — obtains for amino acids, it seemed desirable to study 
a molecule which was relatively insoluble in water, but which possessed no 
long parafl^ chains. For, the higher the solubility in water and therefore 
the dielectric constant of the medium, the smaller the Coulomb forces. 
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Conversely, the longer the paraffin chains of dipolar ions, the lower the 
dielectric constant of the medium must be for Coulomb forces ho dominate 
the salting-out effect. 

Cystine is the least soluble of the naturally occurring amino acids, having 
a solubility in water of 0.109 g. per liter at 25°C. It is a tetrapole, con- 
sisting essentially of two a-alanine molecules coupled by an S — S linkage. 

H O 

I Z' 

+H3N— c— c - 

I \ 

H-C— H O 

H— C H O 

1 / 

+H3N— c-c - 



Its electric properties might be expected to be determined by the configura- 
tion of the four charges constituting the two dipole pairs. lOach of these 
may be expected to have moments comparable to that of glycine, but the 
vector sum of these moments might be zero or double that of glycine. The 
molal volume of cystine may be estimated to be 15(5 cc.® and, considered as 
a sphere, its radius would tlnrefore be 3.94 A.CJ. 

The influence of calcium chloride upon the solubility of cystine was 
studied some years since by Blix (5). McAIeekin has confirmed his meas- 
urements and studied the influence of a large number of other salts on the 
solubility of cystine in water (figure 5). The fan-like spread of solubility 
in the presence of different salts at the same ionic strength— multivalent 
cations having the greatest, and multivalent anions the smallest solvent 
action— resembles that characteristic of certain proteins and is considered 
in a later section of this paper. 

The principle of the ionic strength can scarcely be said to be illustrated 
by salts in this medium at the concentrations studied. At the lowest 
calcium chloride concentrations studied by Blix, 0.063 mole per liter, the 
solubility is appreciably higher than at the same ionic strength of sodium 
chloride. The curvature in the case of the sodium chloride was, however, 

•Taking the S-S volume as 29.8 cc., as in a,a'-dithiodiacetic acid (30) and the 
volumes of the other groups as previously given (13). 
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far greater, and there was no evidence therefore that the limiting slopes 
would be different. 

In order to determine the limiting slope more accurately the solvent 
action of sodium chloride on cystine was studied in 30 per cent ethanol. 
The results, very close to those of calcium chloride in water, ^ suggest a 
limiting slope of 0.42, or something less than half again that of glycine. 
Assuming cystine to be a sphere, the sum of its radius, 3.94 A.U., and that 
of sodium chloride, 1.23 A.U. (50), yields a value of 5.17 A.U. fora. Taking 
0.42 as the limiting slope for cystine in sodium chloride and putting it 
equal to W-ja in Kirkwood^s equation, is equal to 17.37 A.U. and R to 
4.17 A.U. This calculation, though too simple, suggests that the two 
dipoles in cystine are neither parallel nor anti-parallel. They presumably 



r/2 


Fig. 5. Solubility of cystine in aqueous salt solutions 

arc at an angle with respect to each other as a result of rotation around 
the S — S bond. In order to study more exactly the influence of dipole 
moment upon the interaction with salts we therefore turned our attention 
to molecules in which the amino and carboxyl groups are separated by 
hydrocarbon and peptides chains. 

Influence of salt upon peptides of varying dipole moment 

The dipole moments of peptides increase with the number of amino acid 
residues bound in the chain. In the stretched condition the distance 

^ Incomplete measurements upon cystine in 30 per cent ethanol containing calcium 
chloride suggest a slightly higher limiting slope of 0.48. If the salting-out constant 
Ks for cystine in sodium chloride, 0.14, be added to the apparent value, iC/2', of 
0.42, a still higher value of 0.56 is obtained for the true limiting slope, KR^ and an 
estimate of R of 4.81 A.U. (See equation 8.) 
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si*j)arating the positive and the negative charge of these dipolar ions will 
therefore be greater for diglycine than for glycine, and for triglycine than 
for diglycine. Such molecule's can, however, by no means be considered 
spherical. Rather they resemble cylinders of constant radius (13) and of 
the lengths estimated in table 5. 

The peptides of glycine and the tetrapole lysylglutamic acid, which 
contains two negatively charged carboxyl and two positively charged 



Fio. 6a. Solubility ratios, in 80 per cent ethanol containing sodium chloride, of 
amino acids and peptides. 

F^g. 6b. Solubility ratios in 80 per cent ethanol containing sodium chloride, 
of amino acids and pepi'des divided by their dipole distances as estimated by 
structtiral considerations. 

ammonium ions and has still larger fdectric moments (30), have been 
studied in 80 per cent ethanol containing sodium chloride at 25°C. The 
results are graphically represented in figure 6a, those for glycine being 
added for comparison. These measurements leav(j no doubt that the 
interaction of ions and dipolar ions is accompanied by greater change in 
free energy the greater the moments of the dipolar ions. 

Although it is certain that the longer peptides have longer dipol<^ mc» 
ments, no satisfactory method is available for estimating the momemts of 
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dipolar ions. In a recent discussion of the problem two approximations 
were compared (11). In the one the molecules are considered extended 
in solution, and the increment in the distance between the charged groups 
taken as 1.20 A.U. for each CH 2 group, and as 2.34 A.U. for each CONH 
group. Taking the dipole distance R of glycine as 3.17 A.U., that of di- 
glycine is 0.67 and of triglycinc 10.17. On this basis the longest dipole of 
ly^ylglutamic acid is 14.23 A.U., and the shorter one, which has the same 
configuration as diglycine, has a length in the direction of the chain of 3.5 
A.U. The vector sum of these is therefore 17.73 A.U. (30). 

The ratio [(D/Do) log N/N']/R^, where R' represents the estimated dipole 
distance in the stretched condition, is plotted in figure 6b against (Do/D) 
r/2. The agreement at low concentrations of salt indicates that the 
logarithms of the activity coefficients of amino acids and peptides are, as a first 
approximation, proportional to their dipole moments. Moreover, these esti- 
mates of dipole distance may be considered maximal. Presumably there 
is at least some bending around the free bonds in these molecules, resulting 
in smaller dipole moments than these estimates, espc^nally for the longer 
molecules.* Eyring (25) and Kuhn (37) have estimated the amount of 
such bending from statistical considerations. Correcting for this effect 
would bring the peptide solubility curves, plotted as in figure 6b, still 
closer together and render the shapes of the molecules in solution rather 
elliptical than cylindrical. 

Kirkwood has r('C(uitly extended his treatment to an elliptical model and 
concluded that for long molecules the logarithm of the activity coefficient 
is proportional at low ionic strengths to R. Theory and experiment are 
thus in agreement that, for such molecules as the peptides that have thus 
far been studied, change in free energy with change in ionic strength due 
to Coulomb forces is proportional to the dipole distance R, whereas for 
spherical dipolar ions the limiting slope for a single dipole is proportional, 
according to Kirkwooers theory (34), to R'^/a. 

Influence of salt upon proteins 

Proteins, like the amino acids of which they are composed, vary with 
respect to their solubility in water, in alcohol-water mixtures, and in salt 
solutions. There is no reason to believe that the ])rinciples that apply in 
the case of amino acids do not hold also in the case of proteins, though the 
complexity of the analysis is of necessity far greater because of the vast size 
of the protein molecule, and the larger number of positively and negatively 
charged groups on its surface, even in the isoelectric condition. Whereas 
the radii of simple ions, considered as spheres, vary from 1.0 to 2.5 A.U. 

® The approach to this problem through the dielectric constant increments, 6, 
of dipolar ions is considered elsewhere in this paper. 
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and those of amino acids from 2.8 to approxim^itely 4.0 A.U., the radius 
of egg albumin is estimated by Svedberg to be 22 A.U. (60), of hemoglobin 
27 A.U., of edestin 39.5 A.U., and of the hemocyanin of Helix 120 A.U (58). 
Certain proteins, among them the fibrinogen of blood (7), which is concerned 
with its coagulation, and the globulin of muscle, which is concerned with its 
contraction (46), far from being spherical, arc rod-shaped, giving rise to 
double refraction of flow, the latter having a length that has been esti- 
mated® at 6000 A.U. 

A spherical protein is iiow best considered as a coiled polypeptide chain, 
held in its native form either by hydrogen bonds (45), by other forces 
between juxtaposed peptide linkages, or by electrostatic forces between 
its charged groups^® (14). Since the volumes of spheres increase with the 
third power of the radius, the effect of each protein molecule in dis])lacing 
solvent is very great. The specific volumes of most proteins are (;lose to 
0.75. 

The number of electric charges on most simple ions is one, two, three, or 
at most four or five. Egg albumin, a quite small protein, which is very 
soluble in water, but readily crystallizable from concentrated salt solutions, 
has approximately twenty-seven dissociable basic and twenty-seven disso- 
ciable carboxylic groups. Although the radius of egg albumin is approxi- 
mately eight times that of the smallest amino acid, glycine, it has at least 
twenty-seven times as many charged groups. 

It is not, however, the number of charged groups, but their distribution 
on the surface of molecules and the resultant electric moments that deter- 
mine the solubility of amino acids, and presumably of proteins. The 
greater the electric moments of amino acids of equal crystal lattice energies, 
and the smaller the volume of non-polar groups in the molecule, the greater 
the solubility in water. 

Hemoglobin, the iron-containing oxygen-combining protein of the blood, 
possesses a larger number of dissociable groups. It has approximately 
eighty-seven dissociable acid and an equal number of dissociable basic 
groups, but not more than seventy-five of these appear to form dipole 
pairs at the isoelectric point (12). Although the molecular weight of horse 
hemoglobin has been reported to be approximately equal, under certain 
conditions (9), to that of myoglobin and of egg albumin (58, 59), both 

® This estimate has been made by Edsall on the basis of measurements of double 
refraction of flow (46) and Werner Kuhn's theory (36). 

From this point of view distortion of the native form occurs when protein is 
spread on a surface layer, and reveals the dimensions of the polypeptide chain (28, 
32, 47). Increase in the heat motion in the case of these molecules or decrcHse in the 
dielectric constant of the medium leads also to denaturation, the resulting molecular 
configurations having far lower solubilities and presumably far smaller electric 
moments. 
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ultraccntrifugal and osmotic-pressure measurements suggest that the 
normal mole(;ular weight is 67,000 (1, 61). The molecular volume would 
therefore be 50,000 and the radius, calculated as a sphere, 27 A.U. Hemo- 
globin is, however, not as symmetrical a molecule as egg albumin (58). 

The hemoglobin of the horse is soluble in water at 25°C. approximately 
to the extent of 17 g. per liter. In the presence of 1,05 moles of sodium 
chloride it is soluble to the extent of 198 g. per liter (29). Solubility is thus 
increased approximately tenfold by 1 mole of salt or to the extent character- 
istic of the influence “of a neutral salt upon a bi-bivalent cr uni-quadriva- 
lent compound^’ (17). The solubility of hemoglobin is thus so greatly 
increased by neutral salts as to warrant its characterization as a globulin. 
Its solubility in water is not sufficiently low, however, to demonstrate 



unequivocally the principle of the ionic stn^ngth under these conditions. 
For hemoglobin as for cystine the different solvent action of different salts 
is clearly demonstrated by the extensive investigations that have been 
carried on in aqueous solutions. The comparable nature of the salt effect 
upon amino acids and proteins is illustrated by figures 5 and 8. The curves 
in both castes have comparable contours, chlorides having the greatest 
solvent action of the salts studied, and the solvent action of the sulfates 
being overshadowed by their salting-out effect. In the case of hemoglobin, 
not only is the solvent action greater than in the case of cystine, but the 
salting-out effect becomes manifest at even lower concentrations. The 
serum globulin studied by Mellanby (44), which led him to formulate the 
principle of the ionic strength, had a far smaller solubility than hemoglobin, 
and the solvent action of neutral salts upon it was far greater. 
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Hemoglobin is sufficiently soluble to increase appreciably the dielectric 
constant of its saturated aqueous solutions. It therefore seemed desirable 
to determine its interaction with sodium chloride in a solvent of lower 
dielectric constant. The solubility of hemoglobin is estimated to be 0.036 
g. per liter in 25 per cent ethanol at — 5®C. (27). The logarithm of the 
ratio of its solubility in solutions containing salt to that in the salt-free 
ethanol-water mixture, multiplied by the dielectric constant ratio, is 
plotted in figure 8 against the sodium chloride concentration also multiplied 
by the dielectric constant ratio. Comparison with figure 7 demonstrates 
that the solvent action of sodium chloride is not only greater at the lower 



Fig. 8. Solubility ratio of carboxy hemoglobin in 25 per cent ethanol (#) compared 
with measurements (u) in aqueous solution (29) corrected by assuming 30,000 as the 
value f)f 6 (48). 

dieb cliic constant, but that it is greater even when the dielectric constant 
is corrected for, in the above manner. In order to account for the dis- 
crepancy one may assume that the solutions containing hemoglobin in 
water have a dielectric constant greater than that of water by approxi- 
mately 30,000 per mole of hemoglobin. 

The solubility measurements of Green (29) upon (;arboxyhcmoglobin in 
aqueous sodium chloride, corrected on the assumption that the dielectric 
constant increment, 5, of this protein is 30,000 (figure 8) fall satisfactorily 
on the curve drawn through the points in 25 per cent ethanol, whenj the 
hemoglobin is too insoluble to contribute appreciably to the dielectric 
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constant of the solution. Nor is such a high value for 5 fantastic. The 
dispersion curve upon this protein of Errera (6, 24), confirmed in our 
laboratory by Oncley (48), extrapolates to the slightly higher value of 
35,000 zL 5000. The higher value of 8 yields still greater estimates for 
{D/Dq) log ^S/aS' in water. The dielectric constant of the most concen- 
trated hemoglobin solution considered is on this basis 182 as compared 
with 87 in the absence of salt, and there is no present method of correcting 
the value of S' in water to the same dielectric constant as S. Moreover, 
a salting-out effect due to interaction with sodium chloride in solutions 
of high dielectric constant must, of course, also be assumed. These ten- 
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Fig. 9. Activity coefficients of: 1, glycine; 2, diglycine; 3, triglycine; 4, lysyl- 
glutamic acid; 5, egg albumin; and 6, carboxyhemoglobin in ethanol-watcr mixtures 
containing sodium chloride, (a) Proteins in dilute salt solutions, (b) More con- 
centrated salt solutions, in which amino acids, peptides, and proteins have been 
studied. 


tative calculations are presented as indicating the importance of the di- 
electric constant in influencing interaction with salts in concentrated pro- 
tein solutions and presumably in biological systems. 

Albumins are by definition water-soluble proteins. Forty per cent solu- 
tions of salt-free isoelectric egg albumin are readily prepared. Like other 
proteins, however, the solubility of egg albumin is greatly reduced by even 
small concentrations of ethanol. In 25 per cent ethanol at — 5®C. (the same 
eonditions that obtained in the hemoglobin study) the solubility of egg 
albumin was only 0.13 g. per liter. Under these conditions neutral salts 
increased its solubility many fold, as they do with globulins in aqueous 
solution. 
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The results upon egg albumin are also consistent with the prediction that 
in the interaction between ions and dipolar ions the logarithm of the solu- 
bility ratio is proportional to the ionic strength and not to its square root 
(27). At high salt concentrations, where Debye’s law for ions would not 
be expected to hold, the logarithm of the solubility does, however, appear 
to vary with the square root of the ionic strength, as was noted in an earlier 
study (17). Only at concentrations lower than 0.02 is change in free energy 
proportional to change in ionic strength. 

The measurements upon egg albumin in 25 per cent ethanol at — 6°C. are 
plotted in figure 9a. This method of plotting has the advantage that it 
presumably yields that part of the activity coefficient due to Coulomb 
forces that also obtains in aqueous solution. It is conceivable that meas- 
urements upon egg albumin and hemoglobin at a lower dielectric con- 
stant would reveal even greater changes in solubility with change in ionic 
strength, and that the maximum slope has not been attained even at — 6®C. 
in 25 per cent ethanol. The solubility of egg albumin falls off very 
rapidly with further increase in per cent of ethanol and has therefore 
rendered difficult the carrying out of measurements in such solvents. 

Comparison of the shapes of the curves (figure 9b) for proteins with those 
for glycine, its peptides, and the tetrapole lysylglutamic acid, suggests 
that the general phenomenon is the same for amino acids, peptides, and 
proteins. The far greater influence of salts upon the latter suggests that 
they have far greater dipolar and multipolar moments. Their far greater 
size presumably accounts for the very rapid falling off of protein solubility 
curves from their limiting slopes with increase in salt concentration, though 
the distribution of charged groups will also influence curvature. 

The study of peptides (16) led to the conclusion ‘That, as a first approxi- 
mation, the logarithms of the activity coefficients of dipolar ions increase 
as the concentration of the salt, and the dipole distance.” The peptides 
thus far studied are, however, roughly rod-shaped, whereas glycine, cystine, 
egg albumin, and hemoglobin are more nearly spherical molecules. 

Tlie egg albumin molecule may be considered roughly spherical. Its 
\ isciisity coefficient is close to that demanded by Einstein’s equation (39, 
18; sec also Poison (52)). Its radius estimated as a sphere is 21.7 A.U. 
Adding 1.23 A.U. for the radius of sodium chloride yields a value of a of 
approximately 23 A.U. Were it sufficient to use only the first term of 
Kirkwood’s equation for a single dipole in the case of a molecule containing 
twenty-seven positive and twenty-seven negative charges on its surface, 
the limiting slope 14, estimated from the interaction with sodium chloride, 
would give a value of 52 A.U. for R, or only slightly greater than the diame- 
ter of this protein (27). 

Hemoglobin is not quite spherical according to Svedberg (58). The 
radius estimated by Einstein’s law is 34 A.U., or considerably larger than 
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tho 27 A.U. estiiHatod on the assumption of a spherical molecule. Hemo- 
globin may IIjus b(^ estimated to have a value of a between 28 and 35 A.U. 
Carrying out the same calculation on the l)asis of a limiting slope of 17 
yields a valu(‘ for R of from 02 to 09 A.U. In the case of this protein, as 
of (‘gg albumin, the dipole distance estimated in this way is thus not far 
gn‘at(‘r than the diain(‘t(T of the molecuie, and smaller evcai than if tw^o 
[)arallel dipoles were at opposit(‘ (‘dges of the molecule, although hemo- 
globin })r(‘sumably has at l(‘ast seventy-five dipole pairs. 

Th(^ problem of tin* electrostatic forces between ions and such multipol(?s 
as the j>r()tf'ins has been considered by Kirkwood (35), who has tentatively 
concluded that they should not be treated as single dipoles. The first 
term of his equation for a spluTical molecule should therefore' not suffice, 
for it will give far too low an (‘stimate of the summed electrical moments. 
Th(* problem is further comj)licatcd in the case of the protein, since the 
cliarged groui)s are probably situated near the edge of the molecule. For 
glycine the diarnetc'r of the molc'cule is estimated to be 5.64 A.U. (13) and 
the dipoI(' distance (34) 3.17 A.U. 'Vhv diffi'rence, 2.47 A.U., may be 
consid(‘r(;d the distaruM' of the charged groups from the edge of the gl 3 '^cine 
moh'cule. Assuming the chargc'd groups to lx* the same distance from the 
edge of protein molecules gives the maximum distance for a single dipole 
as 41 A.U. for egg albumin. Considering not only the limiting slope, but 
also the shape of the solubility curve (35), suggests that it is not the dipole, 
but the qua(lrujx)l(' and octopole moments that dominate the i!it('raction 
of egg albumin with salt. Although studies of this kind should aid in our 
analysis of structure, the large numb(*r of charges involved pn'clude a 
unicpie solution of the distribution of the charges on tlu* surfac(' of the vast 
])rot(*in molecule. 

Relation between dielectric comtaid irirremerds of di polar ions and their 
i?itcraction with salti^ 

There :s as yet no satisfactory theory n'lating the dipole moments of 
polar mok cules and the di(‘lectric. constants of tlu'ir solutions. The pres- 
ent state of knowledge n'garding this problem has been discussed in detail 
by others in this symposium, and will not therefor(‘ be considered here. 
(See Onsager (49) and Wyman (65).) The estimation of the electric mo- 
ments of dipolar ions by th<*ir study in non-polar solvents has thus far 
not been possible. The molecides studied were insoluble in such sol- 
vents. Moreover the^" might bo expected to pass over into their un- 
charged isomers under these conditions. 

A modification of the classical theory for the case of polar solvents has 
re(*ently been suggested by Wyman (64), according to which the dielectric 
constant increment per mole of solute is a nearly linear expression of the 
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lx)larization of solute molecules. According o it, and according to De- 
bye’s (20) relation between electric moment and polarization, 6 is linear, 
not in the dipole moment but in its square. Werner Kuhn and Hans Mar- 
tin (37) have also cunsidtTt'd the problem of the shape of dipolar ions as 
revealed by dielectric constant m(‘asurem(‘nts, and (U)nclud(Hl that: “The 
electric moment and therefore the distance between tlu* c*nd groups of the 
molecules increase proportionately witli the sqiian* root of the number of 
members in the chain .... on the basis of statistical consi(U‘rations’^ 
(37, p. 1528). 

Then' is reason to believe that for dipolar ions of the same eh'ctric mo- 
ment that part of tlie intc'raction with electrolyte's which (h'pt'iids upon 
Coulomb forces is close'ly the same, regardless of the size' of the' moh'cule. 
Thus the solvent action of small concentrations of lithium chloride is 
closely the same' for glycine and leucine in 90 per c(*nt ethanol (10), whc'reas 
glyciii'^ is di.^solved l)y low coiu'entrations of sodium chloride' in acpieous 
solution, and h'ucinc, by virtue of its long ])arafrm chain, is salte'd out under 
the same' conditions (51). 

Not only is t^'c inte'raction between dipolar ions and (‘lectrolytes for low 
concentrations of saU in regions of low dieleedric constant (‘losely the same 
for molecules having the same dipole distance*, but the* limiting slope, 

[(D/Do) log iV/iV']/(Do/D) r/2 - A7e' 

is gri'ater the gre'ater the dipe)le distance. This is re'adily ele'rnonstrate'd 
if we*, tentative ly ceaisieleT the square roe>t of the* eliele'ctric ceaistant incre- 
ment proj)e)rtie)nal to the elipole distane*e anel assume R for glycine* te) be* 
3.17 A.F. The* quantity \^' S/2.3 thc'ii yie*lds an e*stirnate^ e)f the* dipe)le^ 
distane*e* B of molecules of kne)wn diel<*ctric ce)nstant incre'me*nt. The 
assumptions underlying this ve'ry rough appre)ximatie)n have* bee*n e*e)n- 
sielere'd e*lse'where in detail (11). The use*fulne.ss e)f the generalization anel 
the close j)aralle*li.sm be'twee*n the limiting slope anel this ciuantity are* give'n 
by the* eiata in table 5. For the peptieles studie'el the limiting sle)[)e*s are 
api roximately equal to 0.1 \/ f/2.3. Although this re'latiori eloes not he)ld 
la tbi- fe)rm fe)r the proteins that fiave been chus far inve'stigateel by the*se 
two nie th.ods, there is no doubt that it is the distril)ution e)f ediarge's anel 
the e*lTee*tive eler*trical mome*nts of molecules that determine* the*ir influ- 
ence both on the interaction between ions anel dipolar ions anel e)n the 
dielectric constant of solutions. 

To the technical difficulties of measuring, and the* theoretical elifficulties 
of interpreting, the elielectric constant of solutions of other pedar molecules, 
must be added, in the case of the proteins, the difficulty of employing 
sufficiently long wave lengths to overcome the anomalous dispejrsiem due to 
these enormous molecules and of obtaining solutions of sufficiently low 
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conductivity. Indeed, earlier measurements suggested that solutions 
containing proteins had lower dielectric constants than water. 

The difficulties of achieving conditions under which satisfactory measure- 
ments of the dispersion of proteins may be made have by now been largely 
ov(‘rconi(^. Kgg albumin and hemoglobin, as well as zein (62, 63), have 
been studied in more than one laboratory and the results, though not yet 
(^ntir(*ly concordant, are of the same order of magnitude and leave no doubt 
as to the approximate influence of proteins on the dielectric constant of 
solutions. 

TABLE f) 


Molecular volumes^ number of dipole pairSj influence on dielectric constanlf and inter- 
action with salts of certain amino acids^ peptides j and proteins 


S'JBSTANCB 

MO LEO U- 

LAU 

WEIOHT 

M 

MOLECU- 
, l.AIl 

j VOLUME 

1 ^ 

RADII OK 
BPIIKKICAL 
MOLE- 
CULES 

b 

NDMljBH 
OF DIPOLE 
PAIRS 

LIMITING SLOPE 

/(D/D,) IokN/N'\ 
\ (D,/D)C ) 

KR' 

2.3 



Amino acids 




Glycine 

75.05 

57 0 

2 82 

1 

0.32 

3.17 

Leucine 

131 10 

122 2 

3 63 

1 

0 30 

3.17 

Cvstinc 

240 20 

156 1 

3 

2 

0 42t 

t 


Peptides 


Diglycinc 

132 07 

1 93 3 

■i.()o* ! 

1 1 

0 .58 

5 51 

Triglycine 

189.11 

j 129 6 

.5 7.5* 1 


0 8 1 

7 02 

glutamic acid. . . . 

27r, 2() j 

j 211 5 

7 12* j 

2 ! 

1 2 

12.25 

Proteins 

Egg albumin 

34,000 

25,500 

21 7 

27 

14 

(i2 

\65 

Hemoglobin (honse) . . 

66,700 

.50,000 

27 0 

75 

17 

114 


* Ono-lialf the lengths of these rod-shaped molecules, considered as cylinders, 
t Too insoluble to study by this method, 
t See f'^otnotc 7 and equation 8. 


Errera (6, 24) reported measurements of the frequency variation of the 
dielectric (constant for dilute aqueous solutions of several proteins, includ- 
ing egg albumin and hemoglobin. He estimated very low dielectric con- 
stants of betw’cen 4 and 5 for proteins in the solid state and dielectric con- 
stants of their aqueous solutions which yield values of 5 of approximately 
10,000 for egg albumin and 30,000 for hemoglobin. 

The dielectric constants of aqueous solutions of isoelectric egg albumin 
have also been measured by Shutt (56) at 18°C. and at a frequency of 110 
cycles per second. His results yield a value of approximately 4000. On- 
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cloy (48), working in our laboratory on the same preparations of egg albu- 
min and hemoglobin that were employed in the solubility studies, has 
essentially confirmed Shutt’s values for 8 for egg albumin and Krrera^s 
values for lu'inoglobin. Moreover, his results yi(‘ld essentially the same 
estimates for the relaxation times of both proteins as those obtained by 
l^rrera. Measurements of the relaxation times of the same proteins by 
tlie methods of Malsch (40) and Debyi* (21) are being made simultaneously. 
The study of i)roteins by these diverse methods should result in accurate 
information regarding their relation to, and inflm'ncc' on, the dielectric 
constant. 

Assuming that the dielectric constant increments for proteins also in- 
crease as th(' scpiare of the mean di])ole momc'nt, and ('stimating R as the 
square root of 5^ 2.8 yields 42 A.U. for egg albumin on the* basis of Shutt’s 
meas’in'nu'iits and ()5 on the basis of h^rrera^s. Mrrera’s valm* of 80,000 
for 8 leads to an estimate of 114 for the R of hcanoglobin. Tlu' el(‘ctric 
moments sugg(\sted by th(\se estimates thus range from 200 to 550 
X 10~^* E.8.1T. Th(*se calculations suggest dipol(‘ mom(‘nts which are of 
the sam(‘ ord(‘r is would result from singl(» dipok's, or, at most, double di- 
poles situated at the o])posite (‘dge of these ])roteius. ''rh(‘S(‘ r(*sults are 
thus consist(‘nt with those deduced from our solubility measunum'nts, anti 
sugg(‘st that th(* distribution of the charges on the surfatn^ of thest^ proteins 
is such that the resultant moments art* far smalk'r than th(‘y would b(‘ 
W(‘rc‘ all th(' dipoh* pairs on ofiposite sid('s of the molecule. None the l(‘ss, 
these mon'it'iits trf' far greater than tho.se of any chtanically well d(*fin(?d 
molecules that ha\t‘ thus far betai inve.stigat(*d. It is larg(*ly as a rt'sult 
of thes(‘ considerations that we have investigated the interact ions of dipolar 
ions, and of ions with dipolar ions, in regions of high dielcM^tric constant. 

III. CHANGE IN FREE ENERGY IN SYSTEMS OF HIGH DIELECTRIC CONSTANT 

In r(‘gion.s of high dicdectric constant the interaction b(‘tweeii ions and 
dipolar ions cannot be entirely de.scribed in terms of (kiulomb forces. It is 
un^ic r these conditions that the principle of the ionic stiength does not 
.'.ufiu ( to define the change in fr(‘(» energy of a dipolar ion even in dilute 
salt solutions, and that the specific properties of both ions and dipolar 
ions must be considered. 

Systems containing more than one dipolar ion 

Proteins, as well as pho.spholipoids, amino acids, and peptides, must 
ultimately be studied in the presence of one another if we are to understand 
the conditions that obtain in biochemical systems. The principles that 
have thus far been establi.shed are illustrated by the solubility of cystine in 
aqueous solutions of urea, amino acids, and the peptide diglycine. 
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Th(^ solv(*nt action of neutral salts upon cystine has already been con- 
si(ler(‘d (figun* 5). Glycine increases the solul^ility of cystine approxi- 
mately to the same (*xtcnt as sodium chloride (figure 10), although the 
solvent action in the cas(‘ of the dipolar ion is smaller at low concentration 
and gr(‘atf'r at high concentration. 

At (he sam(^ molar concentration a-amlnobutyric acid has a much smaller 
infliK'iict* than glycine in diminishing the activity co('fficient — iiicn^asing 
th(‘ solubility — of cystiiu'. It follows that in the interaction between di- 
polar ions not only th(‘ir influence on the diel(‘ctric constant of solutions, 
but tli(‘ir spe(iific chianical groups must b<‘ considered. The longer the 
paraffin chain, the smaller the influence of di])()lar ions of the same electric 
moiiK'nl in (l(‘cn‘asing th(' activity coefficient of other dipolar ions, as of 
ions (20, 33). Alor(;ovcr, diglycine, which has a larger dipole moment and 



Fiq. 10. Influence of various substances on solubility of cystine 

in which all nou-polar groups are between the charged arnmoniuin and car- 
boxyl groups (42), has a greater influence per mole than glycine, though a 
smaller influence than would be exj)ected if the interaction of dipolar ions 
depended only on the dielectric constant of the solutions. 

The solubility curves for cystine in glycine, diglycine, and a-amino- 
butyric acid would a])])ear to belong to the same family, whereas the 
logarithm of the* solubility of cystine is almost linear in the coiieentration 
of un'u, suggesting a somewhat diff<‘rent mode of interaction between di- 
polar ions than betw('en amino acids and urea. Although urea solutions 
have high(*r dielectrie constants than water, the dielectric constant of even 
a saturated aqueous solution of urea is less than 100, or smaller than that 
of a molal solution of glycine, though the solvent action of this small polar 
molecule is far greater on both amino acids and proteins. 
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Systems containing concentrated elecirolyie am' more than one dipolar ion 

If wo now turn to systc'nis containing throe oompononts -sodium clilo- 
ride, cystino, and anothor dipolar ion wo have tho changes in activity 
coofliciont of tho cystino indicated in figure 11. The solubility of cystino 
is changed far loss by salt in systems containing amino acids or peptides 
than in aqueous solutions, or in solutions of still lower dieleclric constant. 
The higher the concentration of the amino acid, the smalh'r the ehange in 
solubility due to the neutral salt. This might have ])een anticipated, since 
el(‘ctrostatic forces are smaller the higher th(' dielectric constant. 

Excepting in dilute salt solution the interaction with cystine varies con- 
siderably, depending on the natun' of the dipolar ion employed in incri'as- 



Fio, 11 . Influence of amino acids on interaction betwem sodium eldorid(‘ and cystine 

ing the diele(^tric constant. Sodium chloride change's the' fr(*e^ e'nergy of 
cystine more in a-aminobutyric acid tlian in glycine' seilutiems. Tliis 
obs^ rvation is related to two others. In tho first i)lace; the activity co- 
^ ificifiit of cystine is, as we have seen, decre ised far more by glyedne^ than 
a-aminobutyric acid. In the second place, amino acids of lunger hydro- 
carbon chain have a greater effect in increasing the activity coejfficients of 
salts in concentrated salt solutions. 

The influence of amino acids on sodium chloride has been estimated by 
the use of amalgam electrodes in cells without liquid junction (33). In 
sodium chloride solutions more concentrated than 1 molal, change in free 
energy of the elootrolyte in the presence of amino acids has l i en shown 
to be approximately independent of electrolyte concent ratinn, and the 
relations shown in table 6 obtain. The changes in the; logarithm of the 
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activity coefficient of the amino acids (component 2) due to the salt (com- 
ponent 3) are calculated from e.m.f. measurements, according to the 
relation of Bjerrum (4). 


^log/2 ^ ^ g log /a /yx 

m3 m2 

'J'he results of this calculation yield values for the salting-out constants, 
/C.s, of leucine in sodium chloride, in good agreement with that estimated 
from the solubility measurements of Pfeiffer and Wiirglcr (51) as 0.09. 
The value of KsNaci foi* a-aminobutyric acid we have determined to be 
0.04 or just double the value, as deduced by equation 7, for the effect of 
the amino acid on the salt (33). Positive in sign, these activity coefficients 
iiidicate salting-out of the salt by the amino acid, and of the amino acid 
by the salt. 


TABLE 6 

Activity coefficients of amino acids and sodium chloride in concentrated salt solution 


AMINO ACID 

CHANOK IN LOG / 
or NtlC! DUE 

TO AMINO ACID. 
OBAEIIVED E.M.F. 

MEAHUKEMENTH 

CHANGE IN loo/ 
or AMINO acid dub 
TO NaCl 

CALCULATED FROM 
E.M.F. 

MEABI’HEMENTS 

CHANGE IN IXJO/ 
or AMINO ACID DUB 
TO NaCl. 
OBSBRVBD BY 
SOLUBILITY 
MEASURBIIENTB 

Glycine 

0 01 

0.02 


a-Alanine 

0.01 

0 02 


rt-A'ninobutyric acid 

0 018 

0 0.3,5 

0.04 

Valine 

0 04.5 

0.09 


Leucine 

0 06 

0.12 

0 09 


Systems containing dilute electrolyte and more than one dipolar ion 

Interaction between electrolytes and dii^olar ions tak(‘s place in biological 
systems at an ionic strength of approximately 0.10. The measurements 
reported in figure 11 indicate that at such salt concentrations glycine and 
a-aminobutyric acid have clos(4y the same effect on the interaction between 
cystine and sodium chloride. This result suggests that in sufficiently dilute 
salt solution the predominant effect of dipolar ions depemls upon their influence 
on the dielectric constant of solutions and is largely independent of the nature 
of the dipolar ion. Studies comparable to these have also been carried out 
in aqueous wsolutions of urea and diglycine. 

Whereas decrease in activity coefficient due to Coulomb forces varies 
inversely as the second power of the dielectric constant, the increase in 
activity coefficient characteristic of both amino acids and proteins, and 
known as the salting-out effect, would appear to vary far less with tempera- 
ture or dielectric constant. Any expression characterizing the behavior 
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of amin o acids and proteins at high dielectric constant, even in dilute salt 
solution, must therefore contain a term opposite in sign from that due to 
Coulomb forces. For the case of cystine in systems containing sodium 
chloride and glycine, we may write for the limiting slope : 



The value of Ks increases among dipolar ions of the same electric moment 
with the length of the paraffin side chain, whereas Coulomb forces, as we 
have seen, largely depend upon the dipole moment and only to a much 
smaller extent upon the radius of a molecule. The larger the number of 
non-polar groups in comparison with the dipole moment, the lower the 
dielectric constant must therefore be in order that the change in free 
energy with change in ionic strength may yield an estimate of Coulomb 
forces. Conversely, the higher the dielectric constant the smaller the 
first term in such an expression becomes, and the more accurately Ks can 
be estimated. 

The very sp^all solvent action of low concentrations of sodium chloride 
upon cystine is approximately accounted for by assuming the value 0.14 
for Ks of cystine in such systems. This value for this constant may also 
be calculated by means of an approximate expression of Kirkwood's (35; 
and see equation 28 in reference 11) developed for spherical molecules 
without distinguishing in its tentative form between dipolar ions with 
paraffin chains and those in which the CHj groups are largely between polar 
groups. It yields somewhat lower values for tyrosine and higher values 
for glycine and most proteins than those observed in concentrated salt 
solutions. 

The salting-out effect may be considered as due at least in part to the 
fact that a dipolar ion ^‘displaces a certain quantity of solv(*nt and there- 
fore reduces the polarization of the solvent by the salt ion" (35). The 
studies that have thus far been carried out in media of high dielectric con- 
stant indicate that such polarization effects will play a largf^ role even in 
dilute salt solutions. Under these circumstances differences in the polariz- 
ability due to different ions will manifest themselves in biological systems, 
as well as differences due to the non-polar groups and dipole moments of 

** Values of Ks measured in concentrated salt solutions would appear to be lower 
than those estimated as the difference between measurements in dilute salt solution 
and the expectation from Coulomb forces. In comparison with the value O.U, given 
above, Ks of cystine in concentrated ammonium sulfate solution (figure 5) is 0.05. 
Comparably, the limiting slope determined for glycine in dilute aqu‘*ou8 sodium 
chloride by e.m.f. measurements is 0.24 (33), or approximately 0,08 less than in 
media of low dielectric constant, in good agreement with the value 0.06 calculated by 
Kirkwood’s equation (35). 
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dipolar ions. Tho forces concerned would appear, however, not to be very 
different from those considered by Debye (19, 22) and others (31, 53) for 
the change in free energy of electrolytes in the presence of other electrolytes 
and non-el('ctrolytes. Systematic studies may be expected to analyze in 
these terms also the interactions ])etween salts, amino acids, and proteins 
in r(‘gions of high dielectric constant. 
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I. INTRODUCTION 

In the formulation of a molecular theory of solutions, Hhtc are two 
main problem^ to be considered. The first is the cah ulation of inter- 
molecular force's fn^m a knowledge of molecular stru(‘tur(‘, and th(' second 
is the correlation of the macroscopic properties of a thermodynamic sys- 
tem with the behavior of a dynamic^al sysb'in, consisting of many mole- 
cules executing thermal motion under known inU'rmoleiailar and ext(*rnal 
forces. Til the calculation of certain typi's of intermol(‘(‘ular forci', for 
example, b(‘twceii ions and betwe<‘n mok'cules containing low-freqiu'ncy 
electric multipole momi'iits. simple (‘h'ctrostatics suffice. A more com- 
prehensive tlieory of intermolecular forces is furnishc'd by (piantum 
mechanics. The nature of van der tVaals forces betwc'cn non-polar 
molecules and of the repulsive forces, which de l ermine moh'cular size, is 
now well understood. It is tnie that comiiutational difficulties stand in 
the way of exact calculations for all but the simpk'st rnoh'cules. Never- 
thele;L.s, rather good approximations to the? potential f)f van der Waals 
f >fce can be obtained in terms of a few simple moh'cular conslants, such 
as polarizability and ionization potential. What is pi'rhaps more impor- 
tant, the approximate fonn of the potential of internn>h*('ular force as a 
function of the molecular coordinates is known. 

In the present article, we shall be chiefly concerned with the second 
problem, which lies within the province of statistical mechanics. In the 
study of liquids at ordinary temperatures it is usually sufficient to usc^ 
classical statistical mechanics. This is permissible when the motion of 

^ Presented at the Ninety-second Meeting of the American Cliemical Society in 
Pittsburgh, September, 1936, on the occasion of the presentation ot the American 
Chemical Society Award in Pure Chemistry for 1936. 
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the molecules involves only a high frequency and a low frequency type, in 
the s(‘nse of van Vleck\s definition. The high frequency type of motion is 
characteriz(*d by the fact that thu interval between adjacent energy levels 
is larg(‘ relative to kl\ the product of Boltzmann’s constant and the 
absolute t(*niperaturc. Under these circumstances there is no appreciable 
thermal excitation above the lowest energy state. The low frequency 
type of motion, on the oth(T hand, is characterized by energy intervals 
v(‘ry small relative to kT. '^Idic internal motion, electronic and vibra- 
tional, of most molcfaih's is of the high frequency type at ordinary tem- 
pcTatures, while the translational and rotational motion is of the low 
freqiuaicy type. 

In an (‘arlier artich' (1 1) a nu^thod for the statistical treatment of liquids 
was developed on the basis of the classical canonical ensemble. This 
method ])rovides a suitabh^ basis for the formulation of a general theory 
of solutions. In addition to yielding a number of new results, it embraces 
those of older spc'c.ial theorie s as ])arts of a unified whole. Both electro- 
lytes and non-electrolytes fit naturally into the scheme. We shall under- 
take the formulation of the theory as well as a discussion of some of its 
applicatioTis, ])articularly to electrolyte solutions. While there still 
remain a number of obstacles to be overcome, the theory is at present 
sufR(a(‘ntly well developed to yield some interesting results. 

II. GENERAL THEORY 

''Fho Helmholtz free energy of a liiiuid solution consisting of N mole- 
cules is H'lated to the potential of intermolecular force, Vrf, by the method 
of the canonical ensi nible, in the following manner 



= / • • • / dt^i * • dy.v (1) 

where jS is equal to l/kTj and A^, • • • are the numbers of molecules of 
the several components of the solution. The function /«(T) is a product 
of the internal partition function of a molecule of type s and the classical 
momentum phase integral associated with its low frequency translational 
and rotational degrees of freedom. The familiar phase integral Zff extends 
over the translational and rotational configuration space of each molecule, 
bounded by the volume v of the solution. We denote by dvj a differential 
element of this configuration space, divided by irr for diatomic molecules 
and linear polyatomic molecules or by for non-linear polyatomic 
molecules. 
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It has been previously shown (11) that (he chemical potential of a 
component i of the solution may be expressed in the form 


Mi 


— kT log 


■/•.(T) Zs 

. iVi Zv-i 




(2) 


where Zs-i is the phase integral of the system with a single molecule of 
type i removed, the temperature, vfdume, and luimlxTs of molecules of 
the remaining components Ix'ing th(‘ same as in Zv. We suppose' that the 
potential of intermolecular force may be rei)r('S(‘nted as the sum of tc'rms 
V iki each depending upon the relative coordinates of a single' molecular pair 


Vs-- f, \\k 


%<k 

-I 




This is no real restriction on the method, for it may he (‘asily extend(*d to 
include terms Vtki depending ui)on the* e*oe‘>relinat('s e)f IhreM' mole’cnh's, and 
so on. For simplicity, we shall not incluele' sue*h te'rms. In tre'ating 
chemically sat’^rate'd mole'cules, terms of the* fe)rm Vai are probably ne'e'ele'd 
only when it is desb-eel to take account of the* ineluce'el or e)ptic.‘d polariza- 
tion of moleeades in a system containing ie)ns or elipole's. Sue*h inie*r- 
aetions are usually unimportant in comj)arise)n with e)ther int« rmole'cular 
forces. The form of e'quation 3 might be' (iue‘s(ie)ne*d for the' repulsive; 
forces, which operate at small intermolecular distance's and de'te'rmine; 
molecular size. However, these re'pulsive forces g(*ne'rally act, in such a 
manner as to make the; me)le'e*ules be*have as hare! impenetrable* obje'cts. 
Thus their rejle cemsists in making v vanish whe'never the re'lative 
coordinate's of any molecular pair are* within the re'gion e)f re*])iilsie)n. 
This may be accomplishc'd with a potential of liie* form of eepiation 3, in 
wdiich each Vtk assume's a large value F« wheneweT the; re'lative* e-oeirelinate's 
of the pair are wnthin the re'gion e)f re'pulsion of volume* co,/.. Strie*tly 
speaking, Vr should be infinite, but for practie'al purpexse's it is e)nly ne'e*e*s- 
saTy to assume it verv htrgo re;Iative to k7\ a proea'elun* wliich ave)iels a 
certain amount of mathematical hedging. 

It is convenient to introduce a fictitious potential 


V y(\i) = V s-l + 

o = i: o* 

*-i 


(3a) 


where X,- is an arbitrary parameter, and Fv_i is the potential of inte»r- 
molecular force in a system containing one less molecule ty]>e? i than tlie 
original one. Corresponding to Fjv(X.) we may construct a phases integral 
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which is equal to Zn when X,- has the value unity and to when 
X, is zero. Following the methods of the earlier paper (11), we finally 
obtain for the chemical potential of the component i 

= kT log Ni/v + S - (J«‘ + G.*) + ViiT) 

Jb-1 

r I t u{ie 

Ja=- / / 

J 0 •/ "tJb 

<p,{T) = -A:riog/,(r) 

whore tljo integral Jik extends only over the region of repulsion coik, and 
Gtk extends over the rest of the volume of the solution. The function 
W'l (X,) is the potential of average force between i and defined as follows 

^ W / • • • f dt»i • • • dv^ . . 

where the integral in the numerator extends over all molecules except i 
and kj while that in the denominator extends over all molecules except i. 
In the earlier article (11) it is shown thatTFt(X,) satisfies the following 
equation 

= \V., + E -- r dt;,dX.- (6) 

Z-1 V Jo Jo 

where lFjit(X,) is the potential of average force acting on a molecule I in 
the neighborhood of the fixed pair i and k. It is defined by a relation 
similar to equation 5. A set of integral equations for the IF^(Xi) of the 
several types of pairs in the solution may be obtained if W\k(}^i) is approxi- 
mated by II'^!(X,) + IFi(l): 

= \F.t + E f’ - 1) dt;,dX< (7) 

Z-1 V Jo Jo 

The nature of the superposition approximation, upon which this equation 
is based, has been discussed elsewhere (11). It may happen that outside 
the regions of repulsion, fiWi and pWl are small enough to permit expan- 
sion of the exponentials with the neglect of terms in the second and higher 
powers of p. When this is done a set of approximate linear integral 
equations is obtained. 



LIQUID SOLUTIONS 


279 


irUx,) = y,^(x,) KjvKDdr, + x, / 

v;.(X,) = + t f'“ r.,.lr, - j'" .,} (S) 

A’.A) - lm»„ 


where cj*/ andtoi/ are the non-overlapping parts of th(' regions of rc'pulsion 
for I around i and k\ and co.az is th(' overlapping part of lla'se regions. 
Solution of these equations for several types of intennoh'eular forees has 
been undertaken. The ease of electrolytes will b(' dis(*ussed in a later 
section of this article. Fortunately we do not need to know Kn in this 
case. Solution has also been attempted for a system of spheri(*al molecules 
with short-range attractive forces. In this case Kn must b(' known an<l 
has been estimated with some success for pure liquids. I'his work will l)e 
reported in a later article. 

For tin* calrulation of the integrals (7a and Ja appearing in ecpiation 4, 
it is neces.sary to know the ])otential TFt(X») both inside {ind outside the 
sphere of exclusion coa* While considerable progress has IxMai made* in the 
calculation of the (/a, din*ct attempts to evaluate* the ,7a have* ne)l yet b(*en 
successful. Inside coa, is of courses positive* anel ve*ry large e'xe*ept 

k 

when X, is near ze*ro, so that the integrand has a sharp pe'ak 

near X,- = 0 and vanishes elsewhere. A crude appre)ximatie)n, not valid at 
liquid densities; is obtaine'd by setting lFt(X,) e*qual te) X,Fa, yieleJing 
Ja = kToitk- Indirect me'thoels of appre)ach have* yielde*d fair appre)xima- 
tions to Jik in pure liquids, but in n.i.vture*s the pre)ble‘m has ne)t be^en 
solved, except under certain arbitrary as.sumptie)ns abe)ut the (*ntre)py of 
solvation. 

We return to equation 4 for the chemical ])otential, which we write in 
the following form 


Mi = kT log Xi+ E + 

( 9 ) 

/L* = kT log v+ E -- + vXT) 

fc-l V 

where v is the mean molal volume of the solution, anel Xi, • • X 2 are* the 
mole fractions of the several components. Let us now suppo‘^^v that our 
solution contains N'i molecules which are of the same shape and volum<: 
as molecules of type i but which exert no attractive forces on their neigh- 
bors. Although such molecules may have arbitrary shape, we shall find 
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it C!Oiivoni(‘nt to rofer to them as hard spheres. For a hard sphere all Gik 
are zero. Referring again to equation 4, we find for the chemieal potential 
of a hard sphere 

M.' = kT log x'i - kT log S' + E — * J., + <p.{T) (10) 

V 

whc‘re x/ is the mole fraction of the hard spheres and i)' is tlie mean molal 
volume of the solution augmented by Ni harrl spheres, tlie summation 
over all components of course including them. We now obscTve that the 
limit of 

m/ - kT log .r/ 

as Xi 0 is simply fi* of equation 0. Thus ju* is th(‘ non-ideal part of the 
ch(*mical potential of hard spheres of type i at infinite dilution in a solvent 
consisting of the solution un(l(T investigation.- 

For thermodynamic. purp().s(\s, it is convenient to choose some reference 
value of the chemical potential, g®, and to define an activity coefficient 
which measures the departure of m — from its ideal value kT log Xi. 
When the mole fraction of tlie component is large, or when solutions are to 
be studied in which its mole fraction varies over a wide range, it is cus- 
tomary to choose /I® as the ch(‘mical potential of thi', pun' liciuid component 
at the same' temperature and pressure as the solutieui, 

Hi = kT log/,Tf + n\ (11) 

where the activity coe'fficient appre)a,ehe\s unity as the mole fraction x* 
tends to unity. On the other hanel, if one compeinent, the solvent, is 
prese'iit in large excess at all compositions of inte're'st, it is convenient to 
choose the reference value, ju®, for a solute ceimjieinent as the limit of 
tii — kT log Xi as the mole fraction of the solvent, x,, approaches unity. 

Hi = kT log 7 .T. + hI 

« 02 ) 
H, = lim Hi — kT log Xi 

r,-*l 

where yi is an activity coefficient which approaches unity as the solution 
becomes infinitely dilute with respect to all solute species. It is often con- 
venient to use the molarity or the concentration of species t in place of its 
mole fraction. In dilute solution these variables are nearly proportional 

* The formal and thermodynamic aspects of the separation of the chemical poten- 
tial into parts arising from different types of intermoleeular force are discussed by 

Bell and Gatty (Phil. Mag. 19, 66 (1935)). Our hard sphere species corresponds to 
the solute with ** limited interaction’^ of Bell and Gatty. 
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to one another and the corresponding activity coefRcients are nearly equal, 
t rom equation 9, we obtain for tlie first choice of the chemical potential 
of pure liquid i, 


.0 _ \T/^0 /-O I *0 

M. - + Mi 


where is to he calculal<'d with a distribution function appro- 

]^riat(' to the pure licpiid coinpoiuait and /i* is tlu^ non-id(*al part of the 
clu'mical potential of a hard spluTe of the same size as nu'h'cules of type 
at infinite dilution in pure i. By subtraction and use of the relation 


we obtain 


l/r, = N,;'v + ^kVK/vv, 

k ^ t 


fcriog/.//: = iz --(oa - 

V \ t\ ) Vi 

kT log f: = M* -M? 


Na% 


If the /ij is chosen at infinite dilution in a solvent .s’, W(‘ have 

M? = NGM + M^'^ 


(13) 


(14) 


where is the chemical potential of a hard sphere of type i at infinite 
dilution in the pun^ solvent. We then obtain for tlui activity coefficient 
7 , the following expression. 


kT log 

7 » 





kT log 7 ? = m! 




NGl 


(15) 


For exact calculations, we must be abhi to say soimdhing about tlu’ ch(‘mi- 
cal potential /u* of the hard sph(‘res. Since' direct calculMtions of the J ,k 
Vav ' not yet been successful, only provisional stat(‘m('nts about n* may 
be nvido. At this point it is of interest to mention an empirical mc^ans of 
estimating ix* — similar to a method due to Scatchard (18), who 
recognized the need /or such a correction in the case of electrolytes. He 
proposed to use the solubilities of the noble gases for this purpose*. The 
noble gases approximate hard si)heres, at least in polar solvents, since their 
attractive forces are weak relative to those between polar moh’cules. In 
the present formulation 7 * would be eeiual to the limit of 
pressure of the noble gas tends to zero, where p* and p* :>re the* gas 
fugacities in equilibrium wdth equal mole fractions of the dissolved gas in 



282 


JOHN G. KIRKWOOD 


thci actual solution and in the pure solvent. This limit is equal to X/iCo, 
the ratio of the Henry’s law constants of the gas for the solution and for 
the pure solvent. By a procc'ss of size interpolation among the several 
noble gases, it should lr)e possible to pick a value appropriate to the size of a 
given solute molecule. Given the data, this would at least provide a means 
of estimating errors introduced by the customary neglect of the term 
g* — in theori(\s of diluti* solutions.^ 

Th(‘n‘ is anoth(‘r method of estimating Mi*, based upon certain assump- 
tions about th(i (‘iitropy of solvation of a hard sphere. From thermo- 
dynami(!S we know that fix is e(|ual to fJi — TSx or to an adequate approxi- 
mation in con<lensed syst(‘rn, Ei — where fix, Ex, and Si arc the 

partial molal h<*at content, fuiergy, and entropy of component i. Now the 
energy of a solution is easily calculated as 


A’ ■= ’ z + f: NMT) 

^ k.l V jfc-l 

-1 

Bh = r Fu dv, 


(16) 


where El{T) is the sum of the internal energy and the average rotational 
and translational kinetic ene^rgy of a molecule of type k, d('))ending only on 
the temperature*. The Bxk arc calculate*d with the distribution function 

k 

W\(\), which always makes vanish in tla* region of repulsion 

coijt, so that no contribution to the integral arises from this region. The 
Bxk all vanish for a hard sphere. If we imagine hard spheres of type i to be 
present, they can influence the energy of the solution only by their effect 
on the volume and on the relative distribution of the other mol(*cules. 
Neglecting the latter eff(‘ct, and calculating E* for a hard sphere of type i, 
we obtain 






NkNiBki + Em 


(17) 


where, since E* is to b(^ taken at infinite dilution with respect to the hard 
splieres, the Bki and v are those of the actual solution. The partial molal 
volume V* of the hard spheres is not necessarily equal to Vi, that of the 
actual species i, but in many cases the two will be very nearly equal. Wc 
now tentatively assume that S* is the same for all solutions and pure 
liquids at the same temperature and pressure, remembering that S* is the 

• A isimilar method was first proposed by Bjerrum and his coworkers (Trans. 
Faraday Soc. 23, 445 (1927); Z. physik. Chem. liTA, 358 (1927); 159, 194 (1932)). 
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iion-ideal part of the partial molal entropy oi the hard spheres at inBnite 
dilution in the given solution. This assumption cannot as yet be justified 
by exact reasoning, and it probably is not valid or only approximately 
valid when oru' has to do with components of uneciual molecular size. 
When applied to solutions whose components are identical in molecular 
size and shape, the assumption is entirely reasonabh*, for sinci' the hard 
sphere exerts no attractive forces on the other molecule's of the solution, its 
motion in the system is determined solely by tlu' repulsive* fe)re‘e's exerte^el on 
it by the other medecules, in other wemls by the'ir size*, slia|)e, anel packing, 
lender this assumption the cheunical potemtial e)f a hard sphere* de'pends 
upon the solution in which it is imme'r.se'd only threaigh E\. This term 
arises fre)m the pushing of the e)the‘r meilee'uh's e)f tlie* se)lutie)n apart, an 
effect whie'h may be likened to that e)f the intre)eluctie)n e)f a inie*re)sc()pic 
bublde inte) the solution. The correspe)nding values of /t anel y* are 
the following 


kTlofrf* 


k log y* 






(IS) 


where is assumed to have the same value in the se)lutie)n anel in the^ 

reference liquid, in the first case pure liquid and in the se*e*e)nd pure 
solvent, h en* future reference, we shall express kT log 7 * in a form suit- 
able for dilute solutions in which only solute ce)nc(*ntrations appe'ar. 


kT logy* = — 1 — VkB,,] 

V. k^l V 

_ - 2mlU 

2vi tri 


(19) 


wlea-i* all molal volumes are a^sumeel independent of composition. 

Scatcluird (17) and Hildebrand and Wood (8,9) have proi)Osed an equa- 
tion for non-eiectrolyte mixtures, ba.sed upon two primary assumptions: 
(a) the entropy of mixing i.s ideal; (b) the probability distribution is the 
same for all molecular pairs in the solution and is independent of compo- 
sition. In our notation the Scatchard-Hildebrand equation may bo 
wTitten 


AT log/, 


Vi N kN iVkVi [* 2/^*4 

-1 


nil 


VkVl 



( 20 ) 
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whore the partial molal volumes are assumed independent of composition 
and the Bh are computed with a distribution function appropriate to any 
one of th(‘ pure liquid components. It is interesting to note the conditions 
undcT wliich our equations 13 and 18 reduce to the Scatchard-Hildebrand 
equation. This occurs when ail are independent not only of com- 

position, but also of Xt. When the W'ii.Xt) are independent of composition 
the t(a-m 

Gii/Vi - G/lv^ 

vanishes. When they are inde])endent of X*, the Gik reduce to the corre- 
sponding Bxk> If, in addition, we suppose that the partial molal volume 
v\ is equal to t),, and that all Vk are independent of cf)m])osition, our equa- 
tions 9 and 18 reduce to equation 20 after sonu^ algebraic transformations 
involving th(^ relation 



An investigation of the W, (X,) in liquids consisting of spherical molecules 
with short-range attractive* force's, now in pre)gress, has shown that when 
the attractive forces between different components do not differ greatly, 
the functie)n W^(Xt) is dete‘rmined primarily by medeeular size. This con- 
clusion is ne)t especially n'lnarkabh*, and has been reached by others on 
(jualitative* greninds. However, when this is true, we find that TF^(X») 
is ])raetieally independiMit of X, except when Xi is nearly zero, which rc- 
(piires the G^u to reduce effect iv(*ly to the When all comi)onents of the 

solution are of the same molecular size, ir^^(X,) also la'conies independent 
of composition, and the two major conditions for th(' validity of the 
Scat chard Hildebrand equation are fultillcd. 

Guggenheim (0) has devidoped an interesting theory of solutions, which 
makes no attempt to go into the fine points of molecular distribution. 
His theory bears a marked rescmblanci* to lattice theories of the solid 
state, as does a somewhat earlier theory of Heitler (7). Guggenheim con- 
firms the Scatchard-Hildebrand equation for equal molecular sizes and 
random distribution of pairs of the type previously discussed. He also 
proposes an approximate* method for taking departures from random dis- 
tribution into account when the attractive forces between like and unlike 
pairs are considerably different. Guggenheim^s approach is quite different 
from ours and in many ways simpler. However, while it is probably 
ad(*quato to deal with problems concerning the energy of mixing and 
solution, it fails to take account of tlie non-ideal entropy of mixing in a 
formally satisfactory manner. We shall present briefly an extension of 
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the Guggenheim theory, which takes formal account of the entropy of 
mixing, a step which is necessary in estimating its possibilities. 

Guggenheim assumes that as in crystals Vy, th(' potential of inter- 
molecular forces, has a number of sharp minima of cqutil depth in the 
configuration space of the system of N molecules. In pc'rfect crystals, 

V 

there are just AM of these minima, oiu* for (‘ach permutation of mole- 

cules of the same species, which just cancels out this factor in tlie denomi- 
nator of tlH‘ right-hand side of e{juation 1. On the otlier hand, in some 
licpiid mixtun's^ where attractive' fona's Ix'twea'u like and unlike' me)le'e*ule's 
are not very different frejin the)se be'twe'e'ii like' mede'cule's, the minima in 
Vs e)ce*ur for permutatiems e)f unlike' me)l('cul('s as we'll so that the'y are' 

! Ill number. The' phase inte'gral eif eepiation t is tlu'n e'qual to 

^ XI , wlu're ly is the' value of Zy taken eive'i* the re'gion in the' neigh- 

beirheiod of one eif the' minima. From eepiatiem 1 we the'ii eibtain for the' 
fn.'e ene*rgy e)f tne seilutiem 

Fy = + Z) log Xifc — fcT log /at + S NkipkiT) (21) 

A- =* 1 A- 1 

where facteirials have been approximate'el by Ste'rling’s feirmula. Gugge'n- 
heim the*n appro.ximate's ly by c wlu're' F.v is its value at the' mini- 

mum (alse) t!ie ave-rage' peiteaitial energy in this the'eiry), and u is a preqier 
volume in which a mede'cule Is fre'c to meive. For the theeiry te) be? eif value, 
the ele'pe'uelence of this quantity v on eaimpeisitiein must be inve'stigate'd. 
Gugge'i.he'im applies his theeuy emly to easels in whie*h it is re'aseinable to 
assume i> inele'penelent of corrqieisitieai. Ileiwe've'r, it is ])e)ssible* tei ge'i a 
dee'jier insight inte) this que’stiein in the' feilleiwing manne*r. In e)reie‘r te) 
(‘valuate ly by pe'ak inte'gration, it is ne'e*e'ssary te) e'Xpand V y in a Tayle)r\s 
ser. . in normal coejrdinaie*s e/i • . • q^s spt'cifying the' elisplaceanent e)f the 
yi'i * ;n of N molecules Ireim the pe)int in configuratiein space e!orre*spe)neling 
to lie minimum value of V.v and the maximum of 

F..= F. + § f (^) <l\+ (22) 

where the linear terms in the 7* elo ne)t appe*ar, sine-.e all first de'rivaiives of 
Vy vani.'^h at the minimum, and, by the' use of normal e-oeirdif-ates, all 
cross derivatives y/dqsdqk)o are maele Lo vanish. The* derivative, 
{b“Vy/dq\)Q are equal to 27rW,vJ, wliere Mm is a functiem of the masses e)f 
the N molecules, and the v, is one of the normal frerpiencies, in terms of 
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which the vibration of the system around the position of minimum Vff 
is described, in other words one of the Debye frequencies of the solution. 
In the p(*ak integration, the Qs are followed to range between — oo and 
+ 00 with the result 


In = e 


-»~''n r il ff z' 

.M ■ vj M \2irM.) 


(23) 


Substitution of this expression into equation 21 gives 

Fn = E kT log X* -f- y„ + E kT log u. + E N^kiT) (24) 


where the fac^tors {kT/2TrMay^^ are absorbed into the temperature functions 
Thus Guggenheim^s effective volume v is proportional to the 
mean reciprocal of the Debye frequencies of the solution 

lof? ^ E log "7* (25) 

except for an additive* constant dependent only on the temperature. It is 
no easy task to determine the dependence of the mean Debye frequency on 
composition, and it should be pointed out that not only molecular size, 
but also the attractive forces must enter into such a calculation. How- 
ever, in a nearly ideal solution, where the assumption of approximately 
e qual depths for all minima of Vs i« justified, it is reasonable to suppose 
that V is rather insensitive to changes in composition of the solution. This 
is not necessarily true in Guggenheim's extension of his theory to take into 
account the inequalities in the depths of the minima for unequal attractive 
forces. Mon'over, in the latter case the Del)ye frequencies must be 
averaged, not only over all normal modes for a single permutation of the 
molecules, but also over all such permutations. It appears that an exact 
treatment of the entropy of mixing, into winch the u must enter, is even 
more difficult by the Guggenheim method than by our own. 


III. THK u6le of electrostatic forces 


We shall for the present be concerned with moderately dilute solutions. 
Let us denote yt/y* by 7 ^. It is also convenient to write equation 15 in a 
slightly different form. 


-1 


(26) 


We shall not attempt to calculate the hard sphere contribution 7 *, but we 
should remember that to obtain the true activity coefficient y\ must be 
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multiplied by this quantity. An estimate of 7 * in dilute solutions is 
given by equation 19. 

In this section we shall be particularly interested in solutions containing 
ions and dipoles. While for non-polar solutions the difference between 
Gia and G?, may often be ignored, this is not true in solutions containing 
ions or dipole molecules, for the pair distribution functions W*(X,) arc no 
longer even approximately independent of composition. Let us consider a 
solution consisting of a mixed electrolyte furnishing v ionic species of 
charges Ck in a solvent consisting of dipole molecules. The potentials of 
intermolecular force for the different types of molecular pairs are the 
following, 


Vik — C%€kf 



where is ihv distance between the ion pair i and k, and is the distance 
between anion i and a solvent molecule of dipole moment y,. For 
N,Gu/Vj we have frcim equations 4 and 27 


V 



V \rj 


e * 


(It;, de* 


(28) 


when' for rdeainess we indicate the orientation of a solvent molecule 
explicitly, do, being a normalized differential (‘leinent of its orientation 
space, while de, refers only to its translational (configuration si)ace. We 
remark that 


V 

is ft average density of solvent mol('cul(‘s having a specific d orientation 
r o a ^’pcfified distance, r,,, from ion i. Thus the inU'gral 



-aWiXt) . 

e * do. 


is the average demsity of electric moment or local polarization *P of the 
solvent in the vicinity of ion i, charged to a fraction Xt of its hill charge 
and we may write 






dva dX, 


V 


(29) 
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If *D(ri«) is tho local dielectric displacement, we may define a local dielectric 
constant, U by the ndation 

*P = ‘D (30) 

47r *€ 


wh(*re the local dicdectric constant, *e, may of course differ from the macro- 
scopic dielectric constant, €, of the solution and may depend upon *D if 
th(‘re is (dectrical saturation. Except for possible terms of dipole sym- 
m(‘try, the local dielectric displacement is equal to the sum of — XtCtV«(l/rta) 
and the mc'an values of — CA:Va(l Aa:*), arising from the othcT ions fc, aver- 
ageil with i fixe^d 


‘D Ui.) = - X.C. V. ( ' ) - - ct r V. 

\r../ *-i I' J^. \rk./ 


e * dr* 


(31) 


Sul)stitution of (‘q nations 80 and 31 in equation 29 yields 



(31a) 

c * avi dvk d\* 


\\( rc'inark that if the rc'gions of re])\dsion and are small spheres of 
arbitrary radius, it is (‘asy to carry out the integration over s by means of 
Grc'cids th('or(‘m, nnIucIi transforms it to a surface ifitegral on the spheres. 




(32) 


losing this n'lation, we may write 

V 1 = 1 «’ 


Jo 

dvk dX, 

Jo 


( 33 ) 



LIQUID SOLUTIONS 


289 


whore t is the maoroscopio dioleotric constant of tlio solution. If the devia- 
tion of the local dielectric constant 'e from f C!in be nep;lectcd, n'duces 
simply to CtCk / the electrostatic energy of a ])air of charges in a uniform 
dielectric continuum. As the distance r,A incrt'ases, *€ must a])j)roach 
Near ion ?, it may be expected to deviate from e, owing to (’lectrical satura- 
tion and to variations of th(' local density of th(' solvt'iit from its avcTage 
density. To investigati' this effect from a mohaailar })oint of view, it is 
necessary to study the potential of average force* and tonpie on a solvt'iit 
dipole in the vicinity of an ion. Without dtdailt'd calculation, it is easy to 
see that the deviation of from CtCk/era will havt' only tht* (*iTe(*t of impos- 
ing a short-range force upon the (\)ulomb forct', for sinct* e — *6 
approaches zero at large* values of tlu* inti'gral ct'rtainly decreast's 
mon* rajndly than l/r,A. 

Ft^r an ioni*‘ constituent of an ('lectrolytt* solution in a polar solvt'iit wt* 
may thereftire write 


IcT loK y[ = E -f Ai. - .If, 


CM) 


where *€o is the local dielectric constant of the pun* stilveni near an ion i at 
infinite dilution We have assumed that the polarization t)f tht* st)lutit)n 
was due entiiely to the permanent dipolt! momi'iits of the solvt'iit molt'cuh's, 
and have ignored the small i tmtribution dut' to induced polarizatitin tifthe 
solvent and the solute. This may be tr«ken into account by introtlucing 
terms of the form Vika into Fat, where Fa« is of the form fY,V,(l/r,,) • 

being the polarizability of a .solvent molccuh'. liy an analysis similar to 
the preceding one, equation M is again obtained, tht* local dieh'ctric. con- 
stant *€ inclutling the effect of induced polarization. It .shf)uld also be men- 
tion d that short-range van d(‘r Waals forci's bctwc'cn tin* iiiPs can b(‘ in- 
^ xU led by adding their potential to V[k, It is po.ssiblc to taki* account of 
the inllucnce of the .solvent on the jxdcntial of avc'ragc* force 
through the potential Vi'k. We may write equation 0 for a fiair of .soluU^ 
moiecules in the following form. 


FJ(X.) = X. F.X + E - C’/" di-MiX. 

1-1 Jo yo \ / 

+ ^ [' fj -A 


dVa do a dA, 
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The last integral 

(Ns/v) j dv, do. dXi 


is (‘qual to NjGiJv and is given by eqration 33. To obtain the first inte- 
gral we proceed in a similar manner 



Vi. 


-»W* (\i) 

e 


do. 



(36) 


whore *^P is the average local polarization of the solvent near the fixed ion 
pair i and k. There will be a corresponding local dielectric constant and 
the dielectric; displacement is 

»D . -X..,V.(i) - - t (37) 


Substitution of [(**c — l)/47r*^€]^D for in equation 36 and integration 
over 5 leads to an expression similar to equation 33, with some additional 
terms. Finally one o})tains equation 35 in the following form 


l-l V Jo J 

where and Ai. are again given by equation 33, the notation 
meaning that the local dielectric constant appears instead of *€. Finally, 
if the deviations of the local dielectric constants from the macroscopic 
dielectric constant can be neglected, the equation takes the form 




t - r r 

Z-l V Jo Jo 


y(») [, 


(39) 




the equation for the potential of average force between a pair of ions, in 
which the solvent plays the r61e of a dielectric continuum, the sole effect 
of which is to multiply the Vik by a factor 1/e. We shall presently under- 
take the solution of equation 39 with certain approximations. 

Not only when the solute molecules are ions, but whenever the attrac- 
tive forces between them are principally electrostatic in nature, equations 
39 and 34 may be used for the calculation of the potential of average force 
and the activity coefficients, the Gik being given by 

= r r 

Jo Juik 


( 40 ) 
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If the local dielectric constants are approximated by the macroscopic 
dielectric constant, VliMs reduced to V'a/c. Electrostatic forces between 
solute molecules are generally of predominant importance only for electro- 
lytes and polar molecules. The three most important types of interaction 
are therefore those between two ions, between an ion and a dipole, and 
Ix'tween dipoles, Th(' first has already been considtTed. The other two 
types of forces have potiaitial of the form 


^ ( ^ ) ; i<m-dipole 

€ V\k/ 

= - (mi V,)(/u - ; dipole dipoh 


(41) 


It shouM h(' r<‘meinber('d, how<'v<T, that it is a much poorer approximation 
to lU'glect the d('viation of th(' local dielectric constant from tin* inacro- 
sco])ic one, in the case of ion -dipole and dipol(‘ dipole intcTaction t han in 
the case of ion ion interaction, since the former an* th<'Tns(‘lves short-rang(‘ 
forc(‘s. Also, the (‘flfect of the discontinuity of th(‘ dieh'ctric constant at 
the surface of the dipole molecule has been neglect ('d in the al)ov(' expres- 
sions (41), the dipole having been supposed to consist of a pair of charges 
encased in non-ovcrlapi)ing small spheres, since* oth(*rwis(* lh(^ diele(*tric 
displacement T) of equation 31 cannot bo expressed simply as a sum of 
Coulomb terms arising from the individual charges of the* molecules, but 
th(‘re will be* contributions arising from the eficct of the cavity maele» by 
the me)lecule in the statistierd continuum e)f the* solvent. The effee*t of the 
cavity can be calculateel easily only if the^ local elie*le*e;tric constant is 
assume 1 to be c, and the boundary ce>nelitie)ns ea' elee*tre)statics are ap[)lie^el 
at the surface e)f the mole'cule. (Continuity of the* potential, the* tan- 
ge*ntial component e)f the electric fiedd, anel the normal compe)nent of the* 
dielectric displaceme*nt.) For dipole ine)lecule's of sj)herie*al shape, this 
le‘ad - to correct eal expresi-iems fe)r 


V\l 


) 


I 


lit — 


[27^1]'; '■■'’•C!;)' 


The methoei also leads to an expression for the polarizatie)n ene*rgy of solvent 
by a dipole molecule. If the molecule is a sphere, we obtain 


A 


M * 1 

2c + 1 


(43) 
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The potentials of ion-dipolc and dipole-dipole interaction are those of 
short-ranj;(* forces. For this reason of equation 39 may be ap- 

proximated by X.Flfc for an ion-dipole or a dipole-dipole pair. With 
this approximation, the integrals Gik take the form 

= kT r (44) 

J*^ik 

a form naniniseent of the s(*(;ond virial coefficie nt of gases. If the salting- 
out t(‘rm A is — AtJtj depending upon the influence of the solute on the 
di^*l(‘(!tri(^ constant of the solution is ignored, the following limiting law for 
the act ivity coefficient of a dipoles molecule i in a dilute solution, is obtained 



where ibe sum extends over all solute components of the solution, which 
may iiu4ude both ions and dipoles. It should be pointed out that this is 
not a true limiting law' for the salting-out term — A^^ and the hard 
sphere factor 7 ^ (('(piation 19) })oth contain terms proportional to the 
solute concemtrations Nk/v, Only when th(\se additional terms are small, 
can equation 45 l)e a good approximation. This probably is only true for 
large dipoles such as zwitt(‘rions, the eh'ctrir* moments of wdiich are very 
large in comparison w'ith those of the solut(‘ molecules, or perhaps for 
snialh'r dipoles wIk'u the solv(*nt is non-j)olar. Fquation 45 w'as first pro- 
pos('d by Fuoss (4) for solutions containing only dipole solutes. His 
argument was bast'd upon the vaiiT Iloff analogy between the osmotic pres- 
surt' of a solution and the pressure which th(‘ solute w'ould exert as a gas in 
the same voluim'. Fuoss' calculation of the osmotic, pressure therefore 
(;los('ly t)arall(*ls the Kt't'som theory of tin' etpiation of state of dipole gases. 
Fuoss lias givt'ii asymptotics ('xpr(‘s.sions for the integral 

jf" (, - 

for elongated ellijitical molecules, and has tabulated it for spherical dipole 
molecules as a function of the paramc'ter ii^/ta^kT, where m is the dipole 
moment and a is the molecular diameter. 

One of the most interesting applications of equation 45 is found in the 
study of the influence of electrolytes upon the ac'tivity coefficients of the 
aliphatic amino acids. It is well established that these acids exist in 
zw’itterionic form in solvents of high dielectric constant. Zwdtterions 
differ from true ions in that they possess no resultant charge, but they arc 
characterized by dipole moments of great magnitude, of the order of 
15.0 X 10“^* E.s.u. for a-amino acids. Calculation of log 7 * for spherical 
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zwitterions with the usr of (Hiualions 42 and 45 loads to a limiting law in 
agroomont with that ohtainod by the author (13) on the basis of the Dobyo- 
Hiickol thoory. Tho oaloulations hav(' boon oxtcndc'd to non-sphorical 
zwittorions, account b('ing taken of the finite' se'paration of the charged 
grou]xs. Tlio n'sulting formulas have bt'en a])pli('d with success to experi- 
mental results of Cohn (2) and his coworkers on the influence' e)f salts upon 
the solubilitie's of the amino acids anel their peptiele's. This work will be 
re'pe:)rfe'el in ele'tail at a late'r time. 

It is of intere'st to re'inark that a be'tte'r ap])re)xiination le) the salting-e)ut 
term At, — which re'prese'iits tlie' difTe're'iice be'twe'e'u the' e'lU'rgy e)f 

pe)iarization in the give'ii solutie>n anel in the' pure' se)lve'nt, (‘an be' obtaine'el 
by ine'orporating a te'rm to take' e'are' of it in This may be' ele)ne' by 

taking th'- size's e)f both rnole'cule's i anel k info ae*ce)un( in the' e*ale*ulat ie)n of 
their e‘l('ctre)static e'ne'rgy in a me'elium of elie'le'e'f rie* e*e)nstant e. If 
the mole'e'ule s are' sjdierical in shape* and a,, and cik, are the* radii e>f the' 
re'spe'ctive cavitie's which the'y form in the* solveait, e>ne' e)btains feir ie)ns the' 
fe)lle)wing (‘Xpre'ssion fe)r Vi\\ by applying the* bounelary ce)nelitie)ns of 
el(‘ctre>statics 


1.^(0 _ 

^rtk 


1 ~ I I 

2 2€ + I € r' 


(40) 


Similar, but more* complicate'd, expre'ssions may be* e)btaine*d for ie)n elii)e)le* 
anel elipole (lipe)le' pairs. If tlu'se* are' use'd in e'lpiation 34, salting out 
is auteanaticalh epke*n care; of and the* te*rm A,, — a cruele'r ('stimate' 
of the' cfTect, d(K's not a})pe'ar. 


IV. STUejNG ELKc:TKOLY'rKS 


The potential of me*an force (X,) be twe'e'ii a pair of ions e'annot be^ 
apj)r(jximate'd by be'cause* the long-range* e*haract(‘r of the* interioniej 

force's cause's the 



e ) dvk 


to ai^' ‘rge*. We* the*refore turn to equation 39 for a be'tter api)roximation. 
Kquaiion 39 difTc'rs from equation 4 only by the sul)slitutie)n of V^ik and 
ylV for Vtk and \\i. By the same sc't of appre)ximatie)ns, 

WUK) = + WlO) 


and expansion of the ('xpon«*ntials, ecpiation 39 may be? transforine'd inte.) a 
linear equatieai like equatiem 7. Introdueang c,e//erw fejr tie W(3 

obtain for ions of equal size 


W){\) = 





Ni r 




Wiil) 

Til 


dvi 


(47) 
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where the int(*grals over the regions of repulsion are omitted for brevity. 
For ions of equal size, they vanish because of electrical neutrality 

E Niei = 0 

z-i 

wh(‘n the solutions TFi(Xi) have the form 

(48) 


where gixik) is the same function for all ionic species. A more general 
solution of equation 7 may he obtained by adding to equation 48 a term 
indepeiuh'iit of the ionic (charges, satisfying the equation 


If f(X.) = u{r,,) ~ 
u(r,k) = - 



K„Wl°{\)dv, 

K,,dv, 


(49) 


Thus M^t'(X,) is just thu potontiul of jivoragc forco botW(;pn a pair of hard 
spiiorcs. Wo shall bo iiitorostod horo only in the part of TT‘(X,) dependent 
upon the ionic charges. It is interesting to remark that a rather tedious 
anfdysis shows that the terms neglected in approximating Wlk by Wl + 
Wk are of the same magnitude as (he non-linear terms neglected in the 
(‘Xpansion of exponentials to obtain (‘(piations 47 and 49, so that equations 
7, 47, and 49 are exact as linear a])proximations to (’(juations 4 and 39. 

We now introduce the form of equation 48 into (‘(piation 47. Since all 
ions are assumed identical as to size and shape*, and con are independent 
of the ionic species I, as are the integrals 



/ (\i'i 


so that equation 47 becomes 


<AR) = 


1 p ojfu) 

*1 TT yajij, ojjj ^23 

, ^ 47r ^ Nie] 

' tkT /tn t« 


dz’s 


(50) 


where 72, na, and 7*23 have been introduced for rtjt, Vkiy and rn. We remark 
that K is identical with the corresponding function in the Debye-Hiickel 
theory. We now' assume that the ions are spherical in shape so that wis 
and a >23 are spherical regions of equal radius a, separated by a distance R, 
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which are to be excluded from the region of integration in equation 60. 
Introducing and r 23 as variables of integration, we have 

dt;3 = (27r/i^)ri3r23dri3dr28 

By integration over r 23 , with proper regard to the influence of ojaa upon the 
limits of integration, we obtain the following integral equation. For 
simplicity we designate the single remaining variable of integration, 
ris, by r. 

g(R) = ^{R)/R 

r* (51) 

^(R) = 1 / K(R,r)ip(r)dr 

where the kernel K(R, r) has the form 

a < R < 2a: K(R, r) = (r + R - a)/2 a < r < R + a 

= R R + CL < r < (Xi 

2a < R < « : K(Rj r) = r a < r < R — a (52) 

= (r + /e - a)/2 R-a<r<R + a 

= R R + a < r < ^ 

If we had neglected the size of one of the ions and extended the integration 
overco 23 , the kernel K(Ry r) would have the simpler form 

a < R < <x> 

K{Ry r) = r ;a <r <R (53) 

= R; R < r < qo 


With the approximate kernel (53), equath)n 51 is equivalent to th(i linear 
Poisson-Boltzmann equation with boundary conditions, of the Debye - 
Hlickel theory. The unique solution is 


^(R) = 


«(i2— o) 

1 + (ca 


(54) 


a result which may be verified by direct substitution. The corresponding 
value of VF‘(Xi, R) is 


W'l{\yR) 


tR 1 -f- Ka 


(55) 


With the omis.sion of the salting-out term and the hard sphere term, the 
activity coefficient of a spherical ion of type i may be obtained from equa- 
tions 40, 33, and 34, 


47rCt ^ Nk 



kT log 7 


- DdftdXi (56) 
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whore, because of electrical neutrality of the solution, the vanishing term 
K r\ /•« 

{^TTCi/e) ^ {Nk('k)/v I I /^d/^dX» has been subtracted from the left-hand 
^-1 Jo Ja 

side of e(iuation 56. If R) has the form 48, and non-linear terms 

in th(' (expansion of the exponential can be neglected, we have 

fcr log 7 ; = - ^ f dft (57) 


where ^(/^) satisfies the integral equation 51. With the solution 54 corre- 
sponding to the approximate kernel 53, in which the size of one of the ions 
is n(‘gle(5ted, we obtain the Debye-Hiickel (3) result 


kT logy- 


2e 1 -j- Ka 


(58) 


The mean activity coefficient of any electrolyte which may be formed from 
the i(ms in th(' solution may be calculated from the individual ion activity 
coefficients in tlu* usual w'ay. 

The solution of equation 51 with the kernel 52, whicdi takes the sizes of 
both ions of th(^ pair into account, is considerably more difficult. It is 
found that tlie solution may be expressed in the form 


AR) = E 


(59) 


when^ the sum extends over all roots z„, with positive real parts, of the 
transc('nd(‘ntal ('quation 


2“ — ^2 eos/iza ~ 0 


(60) 


It is conveni(‘nt to ()rd(*r the roots according to the magnitudes of their real 
j)arts. S(‘V('ral of the denumerably infijiib* set of roots are tabulated 
b(d()w : 


2n — Olfi “H 


Ka 

0.10 

l .( X ) 

1.03 

2.00 

aia 

0 10 

1 62 

2 07 

1 06 

/Sirt 

0 .( X ) 

0.00 

0.00 

- 1-2 08 

a2a 

9.88 

2 56 

2.07 

1 06 


0.00 

0.00 

0.00 

- 2.08 

a^a 

11.11 

6.26 


4.84 


d =14 42 

± 14.90 


± 15.07 
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When Ka is less than 1.03, there are two real roots, one of which remains very 
nearly equal to Ka in dilute solutions. At na equal to 1.03, the real roots 
merge into a repeated root, while for greater values of Kciy all roots are com- 
plex. P\)r sniiill values of /ca, all roots except Zi have very large real parts, 
so that their contributions to <p(R)j equal to will decay rapidly as R 
increases, and so can be important only for small values of R. In more 
concentrated solutions, Ka > 1.03, all roots are complex, imparting to 
(p(R) an os(*illatory form, characteristic of radial distribution functions in 
liquids. 

By substitution of the form 59 in the integral equation 51 with tlu' kernel 
52 for R > 2a, it is found that only one condition is imposed upon the 
coefficient An. 


+ Znd) = I/k^ (61) 

n-l 

However, in order that 59 be a solution in the interval a < R < 2a, an 
infinite set of conditions is imposed ui)on the A „. Since the doubtless 
form a comj)lcte s(»t of functions, they could be orthogonaliz('d by lin(»ar 
combination in the interval a < R < 2a, and the properties of orthogonal 
s(‘ts could b(‘ used in conjunction with the integral equation for the deter- 
mination of the An. However, this process is rather laborious and cum- 
bersome. A better method, suggested to the writer by Dr. Warschawski 

of Cornell Uruversity, is to calculate the Laplace transform J ip{R)pr^^{\R, 

which is then inverted by means of the Fourier integral theorem. This 
procedure transforms the int(‘gral <*quation 51 emtircly enito the interval 
a < R < 2a. Although the re^sulting iidegral e ejuation canne)t ])e solved 
in finite* te*rms, it l(‘ads imnH*eiiate'ly to the de*sir(d set of line*ar re'lations 
betwe'cn the /!„, for a solution of the form 59. 

We shall be ce)ntent here with the construction of an appre)ximate se)lu- 
tion, involving eaily the first two terms of the series 59. Using the^ two 
Zn with smallest real parts, we can make the solution 

ip{R) = (fi2) 

fit at the two ends of the interval, R = a and R = 2a, and (‘V(r 3 rwhere 
outside, R > 2a. By substitution in equation 51 with the kernel appro- 
priate to a < R < 2a, the condition that equation 62 be a solution at 
R = a imposes one linear relation upon the coefficients. A second rela- 
tion is furnished by equation 61, and we remeiuber that any linear combina- 
tion of the form 59 is a solution oi R = 2a and for all greater values of R. 
After making some transformations with the aid of equation 60, we have 
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Ai(l + Zia)/zl + A2{1 + Z2a)/zl = I/k^ (63) 

+ A2e*^lzl = 

with solutions 

'(l + 2ia)<?“““~(l + 2:20)6"**“ 

yl =£1 - ^-^^>+ * *^°(l + ZiO) 

^ (1 + 2 : 2 ®)^"**“ (i + 2iO)c“*‘“ 

when KO < 1.03, Zi and Z 2 are real, equal to ai and a 2 . W^i(Xt, R) and log 
7 » may be eumputed by substitution of equations 62 and 64 into 48 and 
57. 




-f- yl2 6 


-aj(R~a)l 


(65) 


For the activity coefficient, vv(‘ obtain 


kT log 7 ' 


d ^ '‘"""I (66) 

2e (i + aiojc"*" — U + a2«)6““*“ 


In dilute solutions, reference to the table of roots shows that ( 0^20 — aio) 
is very large', amounting to about 9.0. Under these circumstances all 
terms involving c""*“ are completely negligible and vve* have 


kT\0fry[ = 


Oil 


2c 1 4 


(67) 


a result which differs from the Debye-IIiickel expression only by the ap- 
pearance of ofi instead of k. But in dilute solutions ai differs inaj)pre- 
ciably from k so that the Debye Hiickel result is obtained. When kg is 
equal to 1.03, the roots Zi and Z 2 merge into a rep(‘at(‘d root, and equations 
63 have no solutions. However, the expre.'^sions 65 and 66 for TF^(X„ R) 
and the activity coefficient both converge for kq ~ 1.03, although Ai and 
.42 individually iliverge. Beyond act — 1.03, the roots Zi and Z 2 become 
complex conjugal ('s, a db and equations 63 again have solutions. Then 
TFi(X., R) takes the form 


Tr*(Xo R) = \ ~ [/I , cos/5(i? - a) + 42 sin/ 3 (R - a)] 

4 = 1 ^^ ■^/3^)[sin 0a — — 2ft/3[cos/3a -- (1 + aa)e^^^] , ^ 

' (1 -j- aa) sin 0a — 0a cos 0a 

^ _ 1 (a^ — 0^)lQOS0a — (1 + aole""®®] + 2a0[sm0a — j 8 ae“®®] 

* K* (1 -f- aa) sin 0a — 0a cos 0a 
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For the activity coefficient, we obtain the expression 


kT log y[ 


e] a sin /3a — ^(cos /3a — e “ **) 
2c (1 + adj sin /3a — /3a cos /3a 


(69) 


In figure 1, equations 66 and 69 are compared with the Debye-Hiickel 
formula (58). In dilute and moderately dilute solutions, kci < 0.5, log 
y[ does not differ much from the Debye -Iliickc'l value. However, at 
higher concentrations, kj > 1.03, the deviation becomes apprcciabh', and 
logTj fails to approach the Dcbye-IIiickel asymptotic value —c^/eakT, 
The periodic factor in IFi(Xi, R)^ for ku > 1.03, is particularly interest- 
ing. As Kd increases, the real part, «, of Zi and Z 2 diminislu's, and the 



Debye-lluckel equation 58 

— Equations 6€ and 69. 

exponential decay becomes less rapid. In other words the ionic, atmos- 
phere expands. At the same time the period of oscillation 27r/^, at first 
very long, tends to a distance slightly exceeding the ionic diameter, a. 
Wli<*n Ka becomes equal to 2.79, a vanishes and equation 68 is no longer a 
soluiK'n of 51. At higher f oncentrations, a liquid type of distribution 
funetjon, if one exists at all, must be constructed from the higher roots of 
equation 60. F^r values of kg just less than 2.79, the exponential factor is 
effectively unity over many molecular diameters, and the corresponding 
distribution is suggestive of a microcrystalline distribution, with ^‘local^^ 
long-range order extending over many molecular diameters. This brings 
up the intriguing question; Do very concentrated electrolyte solutions 
(fca > 2.79) possess long-range crystalline order in the distribution of the 
ions, which they contain? A loosely bound statistical lattice might still 
leave the solution with the elastic properties of a viscous fluid, manifesting 
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itM'lf (*hi(‘fly in the optical properties. The answer to this question is 
f)robably in the n(‘gative, for the solution 68 , in which only the first two 
roots of (‘fjuation 60 are employed, very likely has only qualitative sig- 
nificance* at very high concentrations. The value, ku = 2.70, predicted by 
ecjiiation 68 as the limiting concentration for a liquid type of distribution 
s(‘ems altogether too low. Thus in a uni-univalent electrolyte solution 
with ('ifeakT equal to unity, this value of Ka corresponds to a volume 
about 2.3 times greater than the ions would occupy if ])acked in a face- 
(;(ait(*r(*d cubic lattice, with an interionic distance equal to the diameter a. 

B< Iter api)roximations to the solution of equation 51, may be obtained 
by including terms 6 “*"^ involving the higher roots of equation 60. The 
b(*st way to do this is to (*mploy a general method based upon the Laplace 
transformation. However, th(' method employed here (‘ould extendc'd 
by including the terms involving the first rn roots (ordered according 
to the magnitude of their real parts) and determining the coefficifaits An by 

m 

making the sum ^Ane a solution of equation 51 at m ])oints on the 

n“* 1 

interval a < ll < 2 a. However, even an exact solution of equation 51, 
although a step in the right direction, could be applied only with caution to 
very concentrat(‘d eh'ctrolyte solutions. Tliere is always the question of 
the (‘rror arising from approximating the local dielectric constant by the 
macroscopic oik'. This error is doubtless sericais when the mole fraction 
of the electrolyte becomes comparable with that of the solvent. More- 
ov(*r, ev(ai if the mac^roscopic dielectric constant can be used, it may be- 
come so small in very concentrated solutions that it is not permissible 
to approximate th(' (‘xponentials in equation 39 by the first two terms of 
th(Mr seri('s ex[)ansions. Under these circumstanct's ('quation 51 no longer 
furnishes an adequate a])proximation to Anothc'r point should 

b(‘ boriK' in mind. I'he 7 , of equation 57 is not the actual activity coeffi- 
cient, but must be corrected for salting out and multiplied by the hard 
sphen factor 7 *, bc'fore comparison with expi'riinent can be made. These 
latter influences are not negligible in comparison with the pure electro- 
static effect, at very high concentrations. 

In spite of the fact that (equation 61 can be attributed only to qualitative 
significanc(' in ('xtremely concentrated solutions, it seems reasonable to 
suppose that it can be used quantitatively in moderately dilute solutions, 
let us say up to concentrations of 1 mole per liter, as long as etCk/eakT is 
small relative to unity for all ion pairs. When this condition is not fulfilled, 
either equation 39 must be solved without expansion of the exponentials, 
or a method of the Bjerrum ( 1 ) type must be used. Since the error in- 
volved in approximating Wik by W\ + W* is of the same order of magni- 
tude as the non-linear terms in the expansion of the exponentials of equa- 
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tion 39» the former method is almost hopelessly complicated. The 
Bjerrum method seems therefore to be the most promising. 


V. STATISTICAL MASS ACTION AND THE BJERRUM THEORY OF 
ION ASSOCIATION 

If the potential V^k has a minimum of depth largo relative to kT for 
certain values of the relative co(miinates of the molecular pa'r i and 
and if for this coiifigiiratiou, they exert together only a small attra(!tive 
ferce upon neighboring molecules, W\ may be apj)r()ximat('d by an expres- 
sion which leads to simple mass action. It is a matt(*r of considt'rable 
interest to inv(*stigate the nature of this approximation. 

Keference to equation 18 of ^^Statistical Mechanics of Fluid Mixtures’’ (II) 
allows us to write the chemical potential of a component i in the form 

M. = kT log /.(DC, + ^,(T) 

Jo ifc-1 V Jo Jo 


where C, is the concentration of component in any units, conversion 
factors being absorbed into and /»(X) is the activity ccx'fficient of a 

])artially coupled molecule i. Let us now consider a potential of average 
force TFt(X,, X*), defined for a potential of intermolecular forc(' V N{\i, \k) 
(ecjuation 7, ‘^Statistical Mechanics of Fluid Mixtures”), in which only the 
coupling paramct(Ts X< and X* for a single pair of molecules differ from 
unity. 

j ... If (It;, • . . (it;,, 

i + (71) 

F' ± V„ F; = t F, 

Z-l 

f^k 

Equations similar to equation 29 (‘‘Statistical Mechanics of Fluid Mix- 
tures”) may be obtained by partial differentiation of equation 71 


= ^kV,k + - F:(X,) 


dXi 

dx 


( 72 ) 




It is unnecessary to indicate the dependence of F^(X., Xk) on X* since, 
except for a term of zero order, it will be independent of the coupling with 
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any single molecule of type k. On the other hand Xit), an average 

with i and k held fixed, will depend on both \i and X* when the two mole- 
cules are in each other\s neighborhood. In order to calculate TFtCX, 1 ), 
we remember that Ty*(X», \k) must vanish when either X* or \k is zero. 
We choose a path of integration in the (X*, \k) plane consisting of the 
straight line X, = Xi; Xfc = < extending from the origin to the point (X, 1). 
Using this path and the partial derivatives of equation 72, we obtain 


w\i\, 1 ) = xy« + lx’V'(X<, 0 + ‘V;(x<, 0] dt 


£v'At) dt- j\ut) dt 


(73) 


We note that XV^ + is the mutual potential energy of the molecular 
pair i and k with all the other molecules of the solution. Let us write 

kT log/,^(X, 1 , ~ J [X y i(X/, 0 + y ifc(X^, 0 ] d^ (74) 


By reference to equation 70, we see that/ifc(X, 1, qik) could be interpreted as 
an activity coefficient of the compound molecule (ifc), in which the relative 
coordinates qik of the pair have some fixed value. This interpretation, 
while correct is, however, unessential. Referring again to equation 70 and 
remembering that V[{t) and V[{t) can be identified with V i{t) and Vk{t) 
(since in an average in which no molecules are held fixed, any single term 
Vik is of negligible order), we may write equation 73 in the form 


W\(X, 1 ) - xy,-, + kT log 


f iA:(Xy 1 y Qik^ 


(74) 


The usefulness of this expression is apparent, for if Vik has a deep mini- 
mam for some particular configuration 5 ,*, and at the same time fa is 
practically unity, iy^i(X, i) can be approximated by xy,*: — kT log/t(X)/ifc(l). 
As will presently be shown, it is this approximation which leads to simple 
mass action. 

From now on, we shall limit our attention to a system of only two com- 
ponents. Using equations 70 and 74, and separating the region of integra- 
tion for unlike pairs into a region vo for small values of their relative 
coordinates and v -- Vq for large values, we may write 




■i(X) 


log/;(X) = c, n: dvdt + c, £ £ dt»dt 


(75) 
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where Ci and C 2 are the bulk concentrations of the two components in 
molecules per cubic centimeter. The expression 74 has been introduced 
only for in the region vq. It could have been used for all TT*, but this 
would not be a very useful procedure. A similar equation may be con- 
stnicted for / 2 (X). Integration of equation 75 and the similar one for 
/ 2 (X) with regard for the fact that /i(0) and / 2 ( 0 ) have the value unity, 
leads to the result 


1 

fi 


1 

A 


J = KJ,C, 

Jl 

I = A', AC, 

J2 


A'. 

h\ 

OmU, 1) = 



,1 , Vii)/i( 0 . 

'm 


VaOiiU, ^"'“dvdl 


(76) 


when' all activity coefficients r(‘fer to X = 1, since it is these that we finally 
desire. TIk' functions Ki and K 2 depend in general upon the composition 
of th<‘ solution. We shall assume them to be equal. It seems probable 
that this could be proved generally true, and it is certainly true when 
strong peak at i - I, the most important case. We now define 
quantities C 12 and /12 by the relations 


/A = /.(c, - c.,) 


/A = A(c, - c^) 


_ K ^ K 
- K\ K, 


(77) 


where K \s an arbitrarily chosen equilibrium constant hvtiuations 77 
over-define C 12 , but substitution in equations 76 shows that both relations 
are satisfied. The substitution leads to the following equation for C 12 


/l2^12 

hhiC,--C,,){C'2-Cy,) 


= K 


(78) 


which is the generalized mass action equation, »^i 2 having a phenomenolog 
ical interpretation as the concentration of compound paii*^ defined with 
reference to the equilibrium constant K. Up to this point we have made 
use of purely formal operations, and, except for the assumption of equality 
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of Ki and 7^2, the results arc rigorously true within the frame of classical 
statistical mechanics. While equation 78 could of course be written down 
at once, on formal thermodynamic grounds, our rather tedious analysis is 
iKicessary for the correlation of the activity coefficients /i, /2, and /12 with 
intermolecular forces. 

A suitable choice of the equilibrium constant K is evidently the following 


/» 


K 


-f: 

n: 


(e — 1) dt> 






-fitVii 


dv d^ 


(79) 


With this equilibrium constant, we obtain simple mass action if /i, ^2, and 
1) do m)t deviate appreciably from unity. Again, if Vn has a sharp 
minimum of depth large relative to kT^ inside vo, c will have a sharp 
peak for this (configuration as well as at t = I in the interval 0 < ^ < 1, 
and we have* 


(80) 

where qi2 spe(cifi(\s the relative co()rdinat(\s of the pair at which Vn has its 
liiinimnm. It may happen that /12, /i, /2 do not deviate much from unity, 
or much less from unity than fi or /2, so that simple mass action will 
furnish a good first approximation in the calculation of /i and/2. This will 
be true for an ion pair wlum —CrCk/eakT is large relative to unity, since /12 
is then the activity coefficient of a dipole under the influence of ions. 
Again in the case of a j)air of dipole molecules, for which Vn has a sharp 
minimum in the antiparallel orientation, /12 will be th(' activity coefficient 
of a quadrujiole in the pres(’nce of dipoles. The choice of vq is arbitrary. 
Any ^‘hange in /12 caused by a change in Vn will be compensated by changes 
in/i and/2. However, the method is likely to prove useful only when Vvi 
has such a deep maximum that K and/12 are very insensitive to the choice 
of i>o. For short-range forces, Vq may conveniently be expanded to include 
the (‘iitire volume v of the solution, provided /12 does not differ sensibly 
from unity for any configuration in which F12 differs effectively from zero. 
This is not true of interionic forces. 

We shall now discuss the application of the theory just outlined to 
electrolyte solutions. When certain conditions are fulfilled it leads to the 
theory of ionic association first proposed by Bjerrum (1), and so success- 
fully extended and applied by Kraus and Fuoss (14). Although we have 
considered a system of only two components, an argument similar to that 
used in section II allows us to apply the theory to two solute components in 
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the presence of an excess of solvent, replacing the Viky and iA{T, p), the 
non-ideal part of the chemical potential at infinite dilution, replacing 
<pi(T) as the reference value of the chemical potential. For brevity we 
shall omit the superscript s on the Vtk in what follows. We shall consider 
a uni-univalent electrolyte at a molecular concentration C in a solvent of 
dielectric constant e. The bulk concentrations of both positive and 
negative ions are then both equal to C. Under these circumstances, we 
obtain from equations 77 and 78 for the activity coefficient of either ionic 
species, also/j., the mean activity coefficient, 

/i = (1 — a)Ji 

hh a - ccY •“ ( 81 ) 

X = 47r j '" - 1) dr 


where I’o is taken as a sphere of radius ro, and a is equal to cn/c. For the 
present we suppose merely that ro is chosen so that Wl/kT is small relative 
to unity for all greater values of th(5 interionie distance, so that the ex- 
ponentials in equation 75 defining /i may be expanded with retention of 
only the first two t(Tms. For ions of the same valence type', we may sup- 
pose* that fe)r distancc\s less than ro, W\/kT is large and jKxsitive^ relative to 
unity so tiiat c' is effectively zero, while e)utsiele ro the e'xponential may 
be expanded 'Faking account of elee*trical neaitrality, we then have 

fcriog/i = - ‘ r [W\{t, 1) - W\{i, l)]rdrd« (82) 

y 0 y ro 


where k is the Debye kappa for a uni-univalent electrolytex It we)uld be 
necessary to have* recourse to e*quation 39 fe)r a satisfae;te)ry investigation 
of W? and W\ when r > ro. Sine*e this involves elifficultie's which have not 
yet be'cn overcome*, we shall limit ourselve*s to semie^ se*mi-quantitative 
r'jinarks. By analogy with the simple Debyes fe)rinula, e quatie)n 58, 
Bjorrum aissumed 


kT log/i = 


2e 1 -f fc'ro 


(83) 


k' = (1 - a)i/2 K 


where k' is an effective kappa, computed with the concentration of ‘Tree” 
ions, c — Ci 2 . This result follows from equation 82 if the polemtials of 
average force have the form 


wlit. 1) = - 1) = t 


ei(l — a) e 

7R 1 + K’r„ 


(84) 
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It may bo vorifiod without diflSculty that W\ = ei}p(R) and Wl = —ei^(R) 
whoro \1/{R) is the mean electrostatic potential in the neighborhood of a 
sphere of radius ro containing a total charge ^i(l — a), when the Poisson- 
Boltzmann equation holds for r > Tq and the boundary conditions of 
(‘l(*etrostatics are satisfied at r = ro. This is a reasonable approximation, 
for ±ei(l — a) is indexed the average charge carried by the sphere ro around 
any ion, a being the i)robability that an ion is “associated,^' that is, that 
another ion of opposite charge lies within the sphere, ro. Further, the 
appearance of the effective kappa, k', means that the other ions in the solu- 
tion sert^en with this same average charge, diei(l — a). With the Bjerrum 
result, equation 83, w(' obtain 

loK/i = -- 

where a is to be ealeulat(‘d by equation 81. In the original Bjerrum theory 
/i 2 was assumed to be unity. Fuoss, however, has made estimates of Jn by 
considering tlu* interaction of an ion pair in contact with remaining “free" 
ions in the solution. It is difficult to judg(j the adecpiacy of Bjerrum's 
approximation to/i. It is probably adequate in dilute solutions, when a 
is small relative* to unity, but should be used with caution for values of a 
intermediate between zero and unity. When a is nearly unity, it is again 
adequate, for then it is sufficient to know that /i is virtually unity and its 
form as a function of concentration is unimportant. 

We have remarked that ro must be sufficiently large to p(‘rmit the expan- 
sion of e and for greater interionic distances. This condition is 
satisfied by Bjerrum's value 

ro = c\/2ekT 

Otherwise* the choice of ro is arbitrary, any change being absorbed in 
/i 2 , /i, and / 2 . However, it should be remembered that an unfortunate 
choice of ro, for example too large a value, can make it impossible to 
approximate /i 2 by unity or by the activity coefficient of a dipole consisting 
of an ion pair in contact. The simple Bjerrum theory will be useful only 
wh(*n this can be done. If has a strong peak when the ions are in 
contact, both K and Jn are very insensitive to the choice of ro, provided it 
remains a length of molecular order of magnitude, and under these cir- 
cumstances the theory leads to unambiguous results. An illuminating 
discussion of this point has been made by Fuoss (5), with the aid of a dis- 
tribution function, specifying the probability that an ion pair be sepa- 
rated by a distance /?, while no other ions be within the sphere of radius 72. 
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The limiting; law of the Debye theory of strong; eh'otrolyti's (7) is now 
firmly establishcHl. As ex])orim('ntal teehnicjiio improves, tin* measun'- 
monts ag;ree b(‘tter and lietter with the theory. Tin' extcMision to con- 
centrated solutions is more difficult, because many specific i)rop('rti(*s of 
the ions must be taken into account. Mu(‘h j)rog;r{'ss can be inad(', how- 
ever, botli in the rational expression of the properties of solutions of simpler 
ions and in the application of a few general principles to give tn‘atm('nts of 
the ])roperties of solutions of mixtures in tc'rins of th(^ propc'rtic's of solu- 
tions of Iheir components wliich are very useful in the study of cluanical 
equilibria. 

The limiting law depends only on the valences of th(‘ ions, tlu^ ternp(Ta- 
tun‘, and the di(*l(‘ctric, constant of the solv('nt. In more concentrated 
solutions th^* size^ of the ions and their effects on the di(*l('(!tric constant 
must be taken into consideration. Tlu* latbT is not tlu‘ (»ffect on that di- 
electric constant measurable by macroscopic instruments, which is an in- 
crease due to the ('lectrostatic interaction l)(‘tw(M n the ions (10, .38, 39), but 
is the effect on th(‘ microscof)ic diele(!tric constant, which is a much smallcT 
decrease dm* larg(*ly to the displacement of tin* solvent (29). ltec(‘ntly 
Wyman (40) has shown that tin* dieh'ctric constants of polar and non-polar 
mixtures are proportional to the; concentrations of the polar li(piids, and 
t;ns[ig(*r (21) appears to have explained this finding tlieoretically. If 
this i. also true for the microscopic dielectric constant of eh'ctrolybi solu- 
tions, then the square of the reciprocal thickness of th(^ ion atrnospluTe, 

of the Debye theory, is proportional, not to tlie number of ions in unit 
volume of the solution, but rather to the number in unit volume of th(^ 
solvent, or, at constant temperature and pressure, to the number in unit 
weight of the solvent. This relation simplifies greatly the correlation of the 
theory with thermodynamic treatments. We should not exp(‘ct the rela- 
tion to be exact, but it is certainly very much better than the one usually 

‘ Contribution No. 377 from the Research Laboratory of Physical Chemistry, 
Massachusetts Institute of Technology. 
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mado that the ions do not afifect the dielectric constant. Those who have 
felt thf'niselves forced to use ionic strengths in moles per liter of solution 
b(‘cau.sc th(‘ tlieory demands it, may be relieved to know that a much 
b('tt(‘r theory demands that the ionic strength be in moles per unit quantity 
of solv(‘nt. 

Not only does the (de(;trostatic interaction betw^een the charges depend 
upon the sizes of the ions and their effects on the dielectric constant of the 
solution in concentrated solutions, but there arc also other interactions 
between ions which correspond to the salting out of non-electrolytes and 
to tlie deviations of purely non-el(K*.trolyte solutions from the ideal solu- 
tion laws. The exact treatment w'ould require the insertion of three kinds 
of (iiiergy in the statistical expressions and would give equations much too 
com])licated for solution. To obtain an approximate solution we assume 
that the distribution of the ions is determined solely by the electrostatic 
int(‘raction of their charges and, except in the calculation of the ^‘higher 
terms” of Bjerriim (0) and Gronwall and LaMer (12), we assume the Debye- 
Hiickc‘l first approximation for this distribution. Then the total ion con- 
centration is indc'pendent of th(» distance from the central ion, but the 
fraction of this concentration made up of ions with charges of the same 
sign as that of the central ion is very small in the neighborhood of the cen- 
tral ion. W(‘ assume that it is zero for all distances at which the short 
range interactions come into play. ''Phis is (‘xactly the basic assumption of 
Jb0nsted\s theory (4, 5) of “specific ion int»*raction.”'‘^ 

Using the methods of Debye and his colleagues for the charge -charge 
interaction (7) and the “salting out” (8, 19), and my own expression for 
the non-el('ctrolytc^ term (28), we obtain the following expression for the 
non-ideal free energy per mole of ion of a solution of two kinds of ions. 


F - Fi _ f « 
'v.N. 2Do 


+ Z1Z2X V,m -h 




, Am 
1 -h V.m 


in whhrh F — F i is the non-ideal free energy of the system; is the num- 
ber of moles of electrolyte; vi and V 2 are the numbers of ions of the two 
kinds per molecule of electrolyte, Zi and Z 2 their valences, one of which 
must be negative, and Vi and V 2 their molal volumes; € is the electronic 
charge; N is Avogadro's number; No is the number of moles of solvent. 


* An expression for the thermodynamic properties of electrolyte solutions includ- 
ing the non-electrolytc effects was published by the author some years ago (29). 
It differed from the present expression in that the relation between the volume and 
the effect on the dielectric constant was left arbitrary and that the distribution of the 
ions was considered uniform for the calculation of the “salting out” and the non- 
electrolyte terms. The expression given here is believed to be a considerable 
improvement. 
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Fo is its molal volume, and Do its dielectric constant; hi and 62 are the radii 
of the two ions effective for salting out. The other symbols are defined 
in the following equations, in which a is the sum of the two radii effective in 
collisions between ions, and «i2, ^lo, and a2o are the mutual cohesive energy 
densities. 

Ill = N,; I'oiVo 
Vs -- Vl + V2 

= viVi d- V2V2 

D = DoVoNo; V 

__ «S7rA^‘6"ri,':2i'„A' , _ 

~ ~ Km lifDV "" ~ woo kTDo 



The first term in the brackets is nearly the same, as the I)(d)ye TIuck(*l 
expression for the charge-charge interaction for (‘onstant dic'lectric con- 
stant. It is negative and initially proportional to the square* root of the 
concentration, but the slope decreases so rapidly with increasing concentra- 
tion that the effect of the difference between k and /co of Debye and Hiickel 
is very small. The second term represents the effect of the clianging dielec- 
tne constant on the chnrge-charge interaction. It is also nc'gative and is 
proportional to the first term times the concentration. The last term in 
the brackets represents the charge-molecule part of the “salting out/’ 
It is usually positive, and is proportional to the concentration at all con- 
centrations. The term outside the brackets represents the non-eh^ctrolyte 
molecule-molecule interaction, which is usually negative. It is initially 
proportional to the concentration, but the slope decreases as the concentra- 
tion increases. Wyman's theory of the dielectric constant is us<‘d when- 
ever Do, K, Xy or Y appear in an equation. Br^nsted's specific ion inter- 
action is used to determine a from the sum of the two effective ion radii 
alone for the charge-charge term, to substitute 2 {y^\lhi + Vizllb^) for 
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V,{z\/hi + ^ 2 / 62 ) in the charge-molecule term, and to substitute 
2 V 1 V 1 V 2 V 2 for Vl in the molecule -molecule term. 

It may sury)rise you to see the charge-molecule effect given by the ex- 
f)ressi()n which corrc'sponds to the Debye-MacAuIay ( 8 ) salting-out equa- 
tion rath(*r than to th(^ modified exy)rf .sion of Del)yc (9), particularly since 
w(‘ hav(‘ r('C(‘ntly shown that the experim(‘utal salting-out results agree 
with th(' latter (30). Tins choice is corr(‘ct, however, and follows from our 
assumf)tion that the distribution is determined s(jlely by th(^ charge-charge 
interactions. 

With this (expression for the non-ideal free energy we have no further 
iu‘(ed of approximations. The other quantities may bo calculated from it 
(exactly by thermodynamics alone. The ('(piations for the logarithm of 
th(^ activity coeffi(a(‘nt, In 7 , and for the osmotic coefficient, </>, follow. 


In 7 = - In (I + V.N./N,) + \ + x) z^z,V.m 

2HlL)o LI -f #ca \l + Ktt / 

4viV2 /y2z\ Vizl\ ”1 Ain {2 V ^m) 

^62 / J Rf{r+y,viy 


In (I +P.N./N 0 ) 

'p.nV/No 




Z 1 Z 2 Y d" 


Z\Z2KV,m 

1 + 


, 2_^i^ (v^ , T^y 

Vs \b, b 2 A 


, Am 


In (each the first tcTin gives the value forid(*al solutions, which is approxi- 
mately —0.018 v»m for In 7 and approximately 1—0.009 for <t>. The 
other terms corn'spond to the free eiK'rgy e(|uation in order, and have the 
sami' sign in each equation. If the sloj)e is strictly proportional to some 
power of 7n in the free energy equation it is in the others also; if the slope 
decr eases with increasing concentration it decr('as(‘s more rapidly in the 
equation for In 7 and still more rapidly in the equation for </>. 

The equations for In 7 and <l> are not very much more complicated than 
the approximate equations of Huckel (19), which are given by taking the 
first term and the first and third terms in the bracket, using the volume of 
the solution rather than that of the solvent in the terms in the bracket, and 
giving another definition to the constant coefficient in the third term. 
The added complication of the second term in brackets and the last term is 
partially compensated by the more convenient concentration units. These 
equations also ha\'e the advantage that they are thermodynamically con- 
sistent. 

The Bjerrum-Gronwall -LaMer ‘‘higher term corrections^ is omitted 
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irom tlie above equations. The Gronwall- LalMer expressions (12) for 
In 7 a and <^a for the ease that z = Zi = — Z 2 are: 


"■ = - 1, [I^T * ' " + ‘ ' [(v - ""’’■) 

+ - ^■)] 



(1 + - (2n + 1)V„ + 


ill Avhieh and Yn have the same meanings as in the original paper. 

This tn'atinent miglit be (‘xt(‘nded to the h(\at and volume ehaTig(‘S on 
dilution and to their temperature and pressure derivative's, but the' teun- 
pe'rature and pressure derivative's e)f so many j)arameters are inve)lveel that 
it see'ms aelvisable te) omit this ewte'iisiem for the ])rese'nt. Fe)r tlee (‘epia- 
tions given! above^ we need know only the tem]!erature‘, the molal volume 
arid dieleetrie ( nistant of the sedvemt, the val(‘ne*e', ine)lal ve)Iume in solu- 
tion, and radius effe 'tive in salting out for e'ach iem, the efTe'e*tive' cedlisie)!! 
dian.e'te'r a of the ])air of ions, and their me)le'eule' me)l(n'ule intcTaedion 
eex'fheient, A. The alkali and halide ions may be assunieel splien’ical, anel 
we shall use tlie' value's of their radii determine'el by Pauling (22) from the 
er\"sial lattice's.^ For spheres h = r anel a = n + 7 * 2 . The vedume in 
se)lutie)n may Ije' e'xpeeted to be somewhat less than fe>ur times the actual 
volume of the molecules, 47r7’*/3, and the ce)nstant A may bo assumed to be 
the same for all the alkali halide's and may be expe'cteel to be^ about the 
same as that for the aliphatic hydre^carb* 'ns in wate*r. 

siiall make the cemiparison with the* e'xpe-rinu'ntally deteTrnineel os- 
medic coe'fRcients, which have the aelvantage's over the activity ce)e‘f!i(;ie*nts 
(if the solute's that the'y may be dc'termine'el fe)r a mueii large'r number e)f 
solutienis anel that they inve)lve ne) e*xtraj)e)latiejn te) ze'ro en)nee‘ntratie)n. 
Fh' - zing-point measureine'nts give the me)st a»^*eairate' value's e)f the e>srne)tie; 
^ oedivients, but they have the elisadvantage that they are not ise)thermal. 
For concentrate'd sejlutions me‘asure*me'nts e)f vape)r pressure or by the ise)- 
piestic e)r isotonie method are much supe*rie)r. Of the'se the latte'r are' eu)n- 
sieh'rably more accurate. We shall use the measure'ine'uts e)f Sinclair anel 
Robinson by this method, but we shall use as standarel e)ur curve for soeiium 
chloride, which appears to me much bette*r ('stablislu'd than that of i)e)tas- 
sium chloride. Our measure'me'nts of tlie re'latie)n of tlu) osmonc coeffi- 
cient of potassieim chloride to that of sodium chloride check thf'irs very 
closely. The^y have made measure'ments with all the alkali chlorides, 

• These values in Angstrom units are: Li, 0.574; Na, 0.873; K, 1.173; Pb, 1.294; Ch, 
1.4;i4; F, 1.225; Cl, 1.589; Br, 1.702; 1, 1.867. 
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bromides, and halides up to saturated solutions or to solutions isotonic 
with saturatc’d potassium chloride. 

We cannot be satisfied with approximate valines of the ratio of the volume 
in solution to the actual volume of the ions or of the non-electrolyte reac- 
tion eoefnei(‘iit, A, but each of theses quantities must be determined more 
])reeis(‘ly than the osmotic coefficient itself. They were therefore deter- 
niin(‘d from the osmotic coeffieic'iits of 1 molal lithium bromide and cesium 
bromide*. Th(^ volume so determined is O.OOSr® if the volume is in liters 
per inoU^ and r in Angstreim units, which is 3.15, or somewffiat less than 
four, times the actual volume of the molecules. This value for the volume 
leads to A/RT == 0.0089 r\rlt which is one-third the value for an aliphatic 



Fig. 1. Osmotic coefneients of alkali halides at 25®C. 


hydrocarbon in water. Of the two parameters whose exact values must be 
determined from the ('xperimental data, one corresponds very closely to the 
('xpected value, the other only approximately so. The agreement is per- 
haps as good as should be ext)ected, for the calculated values depend upon 
an unjustified extension of the theory of non-polar mixtures, and our treat- 
ment is sqch that an error in any of our other approximations is carried 
over to this parameter. For example, a small error in the volume ratio 
given above would be doubled in the calculation of A. 

In figure 1 the curves represent the calculated values of the osmotic co- 
efficients and the dots represent the published experimental results of 
Robinson and Sinclair (23, 24). For sodium chloride the circles represent 
our choice (37) of the most probable curve through the results from elec- 
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tromotive force and vapor pressure determinations. Our curve was also 
influenced by measurements on potassium chloride, sulfuric acid, sucrose, 
and a-methylglucoside. For rubidium bromide and iodide the crosses 
represent experimental measurements reported privately by Dr. Robin- 
son (26), and for the cesium salts the crosses are his smoothed values from 
new measurements. The differences between the crosses and circles arc 
small except for cesium iodide, but wherever there is any difference the 
crosses should be accepted. 

The curves for lithium bromide and cesium bromide, which are made to 
fit the experimental points at 1 molal, show very satisfactory agreement 
throughout, if we consider that there are only two arbitrary parameters 
for the two curves. The agreement is about as good for the other chloride's 
and bromides, although they wen' not used at all in the determination of 
the ])CTameters. The calculated values for dilute solutions with small ions 
are distinctly low. There is also a tendency, increasing from chlorides 
through bromides to iodides, for the calculated value's te) be too high in 
<'e»ncentrat('el se)lutions. On the whole, however, the agre'cment is ve'ry 
satisfaedory. 

It would be entir'ly le'gitimate to tinker with the ealculatf'el re'sults to 
give better agreeme'iit with the me*asure'ments. Pauling’s ionic radii an^ 
only approximate, and there is no reason te) suppe)se that the radii in solu- 
tion are exactly the same as those in the crystal lattices. A slight increase 
in the* sizes of the smaller ions wmulel grc'atly imj)rove^ the fit in dilute solu- 
tions. It is impossible to predict whethe'r such a change we)ulel also re'ineely 
the difficulties in concentrateel solutmns. It might be necessary to alter 
the moloculo-molccule term also so that it remains more nearly propor- 
tional to the concentration to corresp(>rd to the bc'havior of k'ss ])olar 
solutes in water rather than to th(^ too simple theory. It sc'cms advisable 
for the present, how ever, to determine from the properti(*s of th(' solutions 
only those parameters wdiich are absolutely necessary, and to b(^ satisfif^d 
with this approximate agreement. 

Tiiese results do show' that the alkali and halides ions are charaet(‘rized 
iiy liu.ir valences and sizes alone. The decrease of th(' osmotic coefficient 
with increasing size of the cation for the chlorides, bromides, and iodides 
and the decrease with increasing size of the anions for the cesium salts are 
explained by the facts that the term for the charge charge int(*raction is of 
secondary importance in concentrated solutions and that the d(w iation of 
the osmotic coefficient from unity is not far from the difference between 
the salting-out term and the non-electrolyte term. The first of these is 
largest when one ion is small and the other large; the second becomes more 
important when both ions an' large. The theory do('s make the osmotic 
coefficients of the rubidium salts increase w ith increasing size of the anion 
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like those of the litliium, sodium, and potassium salts, while the experi- 
mental ('smotie eoc'fficients decrease like those of the cesium salts. The 
ealeulat(Hl increase and the measured decrease are both so small, however, 
that <h(‘ diffenaice in sign is unimportant. The theory also agrees with 
the' frf‘ezing-point measurements (11) in making the osmotic coefficients of 
th(' fliK)rid(‘s increase with inen^asing size of the cation in the opposite order 
to 1hos(‘ of the other halid(‘s. (Quantitative agreement would require a 
larger radius for the, fluorid(^ ion than that given by Pauling, for the calcu- 
lat'd })otassium, rubidium, and cesium curves are all about the same as 
that of cesium chloride, and Lanriung's direc^t vapor-pressure measurements 
(20) indicate' that tlu'y should be about the same' as that of sodium bromide. 

The' application of this method to ])e)lyatomic ions is consid(*rably more 
eM)in])lie*ate'el, for such ie)ns cannot be* assumed to be sj)herieal and several 
[)aranie“te'rs for each ie)n must be de'te'rmined from the properties of the 
sejlutions. 'flK'n' are' at h'ast twe) typers of variatie)ns from the behavior of 
the halieh's (31). d'he' hydroxides be'have ve'ry mucli as the fluorides, and 
the* formate's and acetates bc'have* as themgh a, 6, and A alx>ut the same 
as fe)r the flue)riele‘s, but V w (‘re* \ ery muedi larger. The nitrates, chlorates, 
anel ])('rchlorat(‘s, on the* e)tlu'r hand, be'have* as though a, 6, and V were 
about the' same as for the* bromiele's, but A were very much larger. The 
application te) mixtures is e*ve'n more coniplicat<ed, largely because the pres- 
ence of two kinds e)f cations, or two kinels erf anions, with different sizes 
j'Uikes the (‘xpr('ssie)ns for the inte'ractiou of the ionic charges very much 
more* e'.omplicated (29). 

We may make* considerable* }>rogre*ss, particularly in the study of mix- 
tures, w'itlie)ut such a eU'taile'd tn'utment. We* start with the ve'ry general 
result of statistical me'chanie*s that that part e)f the non-ideal fre'e energy 
per unit quantity of solutie^n which is e*e)ntri]>uted by she)rt range force's 
may be* e'xpre'sseel as a multiple integral power se rif's in the molalitie's of the 
varie)us ce)mpe)ne'nls. W'e use* alse) the re*s\dt erf the* Debyes Hiickel theory 
that the ('ffe'ct erf the le)ng range fe)rces between the ionic charges requires a 
multiple ])e)WTr series ce)ntaining the square re)ot of the ionic strength as 
well as the concentration of each compone'iit, and w^e combine the tw^o 
to give the following series, in which the numerical values of the arc 
given by the Jlebyc-Huckel theory (33, 34): 
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A', is the number of moles of ions of the component in the system, 
A^o is the number of moles of the solvent, and ^CoA^o is unit mass of solvent; I 
is twice the ionic strength in moles per unit mass of solvent. The i?’s, 
C’s, D’s, and are determined by the properties of the solution. The 
following expressions for the activity coefficients and the osmotic coeffi- 
cient are obtained from the free energy expression by tlu'rmodynamics 
alone. 


\nyp = I Ap y/l + 2 ZiBipTUi + ^2 i:^Cipm, + j \/7 

-f 3 ^ y/i + 

<f> = I + h a// + M {Bij + I Cij V7) XiXj 

+ AP Xi,, (2J)ij, + I Ei,, y/1) xa,x, + 

in which ///, ~ Nt/waNoi AI = Xi = JUifM. 

TIktc^ is no tJu'ory which tells us that these series must conv('rg(' con- 
vi'niently. In fact they will ho divergent if there is a fairly larg(^ amount 
of chemieal combination or any other int(*raction which is limit(‘d to a j/air 
of molecul(‘s or ions, such as that described by th(^ *‘high('r term correction/' 
'rhis difliculty could probably bo remedied by adding to each term in the 
con(:(‘ntrations another coefficient times the logarithm of the ionic strength, 
but there are cs yet no experimental data to warrant this extraision. If an 
interaction is not limited to tno molecules its effect may be large and still 
lead to conv(Mii(‘iit convergence. Wo have; found that the fnMvjng-point 
depressions of most uni-univalent electrolytes mny be r(‘pres(‘nt(‘d up to 
concentrations of 1 molal by the fiv(i t(Tms given above, and I shall show 
later that no type of s(*ries can be .simpler than this om^ with four t(‘rms. 

For a single solute these equations have litthj advantages over graphic 
methods, provided that the* latter also make* use of the De'bye limiting law. 
For mi.xed solutes, on the* other hand, the gain is e‘norme)us. \Ve^ made 
about thirty de*terniinations for each single salt (35). To co\e‘r the* field 
as coiiipletely would require four hundn*d fifty determinations for a bi- 
nary mixture, forty-five hunelre^d fe/r a ternary mixture*, anel almost thirty- 
four thousand for a refciprocal salt pair, and the graphical tre*atme*nt e)f the 
re*sults would be a stupendous task. The use of these equatie)ns re^duced 
the measurements needed to one on(*-hundreelth, and pre)bably reeluce^d 
the labor of haneiliiig the data more than that. 

A still further gain for mixtures is obtained from the assumption that 
the short range forces between two ions with charges of the same sign may 
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be neglected unless there is a third ion of the opposite sign in their imme- 
diate neighborhood. Then the B and C coefficients for any mixture can 
be d(‘t(^rmiried from the single salt solutions, and the D and E coefficients 
can bo determined from the single salt solutions and one solution of each 
mixtures with a common ion. 

The most comprehensive tOwst of the application of this method to mix- 
ture's is our own study of the freezing-point depressions of mixtures of po- 
tassium nitrate, potassium chloride, lithium nitrate, and lithium chloride 



2. Osmotic coefficients of mixtures at 0^*0. A, KCl-LiCl; B, KNOj-LiNOi; 
C, KCl-LiNO, or KNO^-LiCl. 

(35). The series, simplified as described in the last paragraph, describe 
the measurements exactly. Since, this method requires very precise and 
comprehensive measurements which are not yet available in any other 
case, we shall be more interested in the conclusion that all the parameters 
may be determined approximately from measurements on single salts 
alone. If they were (exactly determined the osmotic coefficients of mix- 
tures with a common ion would be additive. Figure 2A shows the osmotic 
coefficients of potassium chloride, lithium chloride, and their 1-1 mixture, 
plotted against the square root of the molality. The broken curve is the 
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mean of the curves for the two salts. It agrees closely with the experi- 
mental curve for the mixture in dilute solutions as our theory demands, 
and the difference is not very great even at 1 molal. Figure 2B shows 
about the same agreement for potassium nitrate, lithium nitrate, and their 
1-1 mixture in spite of the greater spread between the two salts. I shall 
omit the curves for the mixtures potassium nitrate ]K)tassiiim chloride and 
lithium nitrate-lithium chloride, for they show no diffcTcnce between the 
calculated results and the measurements up to 1 molal, which is the limit 
of our measurements. Figure 2C shows the 1-1 mixture of ])()tassium 
nitrate and lithium chloride, which is also the 1-1 mixture of potassium 
chloride and lithium nitrate. The lowest broken curve is the mean of the 
curves of the first pair, and the highest is th(' mi'an of those of the sc'cond 
pair. Neith(‘r agrees well with the experimental curve. Our theory 
demands, however, that in this case without a common ion the curve be 
given by the mean of those for all four salts of the reciprocal salt pair. 
This is given by the middle broken curv(', which agr(‘(*s with tin* ('X])eri- 
inental measurements about as well as those in which only tlu' anion is 
changing. 

It is not at all iK'cessary to rcjiresent the L)('bye-IIu(*kel limiting law^ by a 
term projiortional to the square root of the ioni(^ stnaigth, I)ut any func,- 
tion of tlie ionic strength which reduces to this in very dilute solutions may 
be substituted. I0v(‘r since Hlickers first pa])(‘r on concentrated solutions 
(19), attempts have been made* to find soin(‘ function of the ionic strength 
d('pending only on the valence tyfie, the individual deviations from which 
should be proportional to the concentration. If there wen^ any such func- 
tion the osmotic co(*fficients of mixtures with a (common ion would be 
strictly additive at all concentrations; so figure 2 show's that such a fiim;- 
tion cannot exist. We will also se(‘ from me'asunanents on single salts 
that such a function is impossible. Nevertludess, it is very conveaiient to 
subtract from the* logarithm of the activity coefficient the Debye Hiickel 
limiting law' divided by 1 plus the square root of the ionic stnaigth 

AZiZ 2 Vfl/il + V/x) 

The corresponding expression for the osmotic coeffici(*nt is 

1 -{- AziZ 2 [1 y/ II — 1/(1 -f- \/ju) 2 In (1 4- \//li)]//x 

The next figures show as A0 the deviations of the osmotic coefficients 
from this function plus a term linear in th(j ionic strength. Figure 3 gives 
A0 up to 1 molal determined from freezing j>oints for potassium nitrate 
(30), potassium chloride (31), and potassium acetate (32). It shows that 
this function is a convenient one from which to plot deviations, but that 
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thoso d(‘viations are much larger than the experimental errors. It also 
shows concliisivcdy that no other function common to all three salts will 
r(‘(lu(M th(‘ deviations of all of them. Figure 4 shows A<#> for the same salts 
up to 3.5 A/, determined from the isotonic measurements of Robinson and 
Sinclair (23,25) at 25°C. and our curve for the osmotic coefficient of sodium 
chloride. It confirms the conclusions from the previous figure, and show's 
that these do not depend on the temperature variation in the freezing-point 
m(‘thod. 

Figures 5 illustrates the complications tliat may be expected with salts 
or higher valenc(‘ tyjK*, or with solvents of lower dielectric constant than 
watcT. It shows A0 determined by the isotonic method at 25®C. for mag- 
nesium, niangan(‘se, nickel, zinc, copper, and cadmium sulfates by Robin- 
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Fi«. 3. Deviations of osmotic coeilicients at ()°C. 


son anil Join's (2()). Fin' liin'ar term is 0.1 M in all cases. It may appear 
that the differenci’s l^etween these curve's and any one of them taken as 
standard w’ould be mori' nearly firoportional to the concentration than 
the deviations shown lii're, but the actual gain is very small. All of the 
curve's are' positive in dilute solutimis and must conn' to zero very steeply. 
Moreover, if the thi'ory of “high(*r terms’^ is even qualitatively correct, 
they should all be negative in very dilute solutions, and they must there- 
fore de'scenel very rapidly with decreasing concentration and then rise still 
mon^ steeply, llausrath (18) has measured the freezing-point depressions 
in very dilute solutions of all but manganese sulfate, and his measure- 
ments yield negati\’e values of A</>, more negative for those salts w'hose 
values are lower in this figure. The insert shows the first two points of 
Robinson and Jones for magnesium sulfate and also A^ from the freezing- 
point measurements of Hall and Harkins (14). The scale of ordinates of 
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this inset arc the same as in the main fipiure, hut the scale of abscissas is 
magnified ten times. The agrcenuait of the two stn'i(\s in the more con- 
centrated solutions is as good as could he expected at such different tem- 
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peratures. In more dilute solutions the frc'czing points yi(‘hl negative 
values of A</), in agreement with Hausrath\s measurements and tin' theory. 

Similar expressions for the logarithm of the^ activity coefficient hav(‘ 
frequently been used, and always with the assumption that IIhj term cor- 
responding to our A0 is zero. The expression used by Htiekel (19) and 
by Harncd and Akerlbf (15, 10) for hydrochloric acid and the alkali chlo- 
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rides differs only in the inclusion of the ideal solution expression as in our 
first e(iuation, in the expression of the ionic strength per unit volume of 
Kolution rather than of solvent, and in the use of a constant k greater than 
unity ill the expression 1 + Guggenheim (13) has extended the 

use of their expression, changed only by making k unity, to all strong elec- 
trolytes. Instead of subtracting the ideal solution term for the osmotic 
coefficient, Guggenheim invents a new osmotic coc'fficient for which this 
subtraction is unnecessary. This is somewhat less convenient than our 
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Fig. 5. Deviations of osmotic coefficients of sulfates of bivalent metals 


form, but not seriously" so. However, in the calculation of activity coef- 
ficients of the solute from the osmotic coefficients, he uses thermodynamic 
relations which are I'xact for our coefficients but only approximate for his. 
This sacrifice of (‘xact thermodynamics seems quite inexcusable. Guggen- 
heim limits the use of his exi)rpssion to ionic strengths less than 0.1 molal, 
and appears to consider the expression exact within these limits. An 
examination of figure 3 shows that a straight line through the point at 
0.1 molal will not miss seriously any of the points in more dilute solutions. 
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hut that the best smooth curve through all the points shows considerable 
curvature below 0.1 molal and differs from the straight line by an amount 
which is not unimportant in the calculation of the activity coefficient of the 
solute by integration. With salts of higher valence type the discrepancy 
is still more serious. Cuggenheim claims that the measurements of Hall 
and Harkins ar<‘ fitted by his expression up to 0.025 Af , and the error which 
he ascril)es to the nK'asurements is not many times tliose made by these 
observers with other soiiites. An examinatum of figure 7 shows, however, 
that a straight line through the point at 0.025 M intersects the best smooth 
curve through all the measurements almost at right angles. 

Ak('rl()f ( 1 , 2 , 3) uses as norm th(‘ experimental curve for hydrochloric 
acid, and assumes that the deviations for oth(*r ('k'ctrolyte's are propor- 
tional to the ionic strength in moles ])('r unit quantity'’ of solvent. For 
uni-u?ii\ ahait electrolytes this corresponds closely to f h(' use* of our expn's- 
sion, with k considerably larger than unity. For other valence types his 
treatment is contrary to the Debye lliickel theory and to experiment. 

Altliough tie' relation is inexact as we have just seen, it is often con- 
venient to assume as an approximation that A 0 and the* corr(*sponding (*x- 
])ression for the logarithm of the activity coefficient are zero. It is still 
more conve'nient, and at the same time more accurate, to inak:* two other 
approximations which would be exact if th(‘re wen* any such function and 
if Hr 0 iist(‘d’s tlu'ory (4, 5) of ^^specific interaction’^ were (‘xact. If all the 
ions have the same absolute value for the ionic charge, these two assum])- 
tions are sufhcif'iit. If they have not, there is an amluguity which may 
be removed by treating the ions as independent (a)mpon('nts. It is thenv 
fore eonv(*nient to express our approximations in b'rms of the individual 
ion activitif's, although we shall use them only in such combinations that 
the addition or removal of the corresponding ions leaves the solution el(*c.- 
trically neutral. We shall assume that 


In vjfe 


-Azl \/n 
1 + Vm 




in which y, is the ionic strength, A is given by tlu; Deliye -Hiickel limiting 
law', Zk is the valence of the type of ion, m, is the molality of the/*' ion 
species. If the expression corresponding to A 0 were zero, /jt;(/x) would be 
independent of the ionic strength, so we know that it varies only slowly 
with the ionic strength. The use of a function of the ionic strength 
rather than of the concentrations of all the solutes makes In 7 a linear 
function of the composition at constant ionic strength. This relation has 
been shown, particularly by Harned and his coworkers (17), to hold almost 
within the experimental error up to the highest concentrations studied. 

is strictly constant, it is zero by Brpnsted’s theory of '‘siiecific 
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ion interaction/^ if the j and k ions have charges of the same sign ; fkjiy) fzk — 
fjondition of integrability, assuming the ions to be indepen- 
dent components, if Zk and z, have opposite signs; and/A:y(M) = fjkM by the 
same condition if cither Zk or z, is zero. We may extend these relations as 
approximations even to concentrated solutions. 

If both ions have the same absolute value of the charge, it follows that 
the activity coefficients of the two ions arc equal to each other and to the 
mean activity coefficient in a solution of a single salt. In a solution of 
another salt of the same valence type, the mean activity coefficient is the 
geom(itric mean of those of the solute salt and of the solvent salt if they 
have an ion in common, and it is the geometric mean of those of the 



Fig. 6. Deviations of logarithms of activity coefficients at constant ionic strength 
of unity. 


reciprocal salt pair if there is no common ion. In the case of ions with 
different absolute values of the valence the relations are more complicated, 
because the first part of the expression is proportional to the square of the 
valence, and the second part is proportional to the absolute value of the 
valence, but the relations are given just as definitely by the assumptions 
we have made. The important result of these assumptions is that the 
activity coefficients of any salt in any salt mixture may be determined from 
measurements on single salts alone. 

In case the solubility is too limited to permit the determination of the 
activity coefficients from measurements on solutions of the salt itself, they 
may be determined by measurements with a single mixture and the use of 
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the above approximations. If there are not enough measurements to use 
the above principles, the functions of the ionic strength may be taken as 
contents with sufficient accuracy for many purposes. This corresponds 
closely to Akerlof^s treatment of uni-univalent electrolytes (1). If there 
are no measurements at all with the salts in question, the magnitude of 
the functions may be estimated from the behavior of other similar salts. 

If either Zk or Zj is zero, the function /,*(/!) can be determined only from 
measurements on mixtures, or from theoretical considerations. The terms 
for the individual ions cannot be separated, but as long as the function is 
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logarithms of activity coefficients at constant composition 

strictly crnstant, it must be additive for the ions. For the distribution of 
either electrolyte or non-electrolyte between the solution and another phase, 
our treatment tells us only that the logarithm of the activity coefficient is 
nearly proportional to the concentration of the other species. For homo- 
geneous chemical equilibria it is helpful to make another approximation. 
If there is a reaction A + B = C, we assume that /c/Cm) = /ayf/i) + 

If either Za or is different from zero, this as.-nimption is contradictory to 
those we have made concerning the relation of these functions to the val- 
ence, but there are compensating errors which should mak(j it fairly satis- 
factory in spite of that fact. 



Ft^*. 7. Deviations of 
oolute. 
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Many of these assumptions may be tested only in isolated cases which 
would require too much space for presentation. The application to mix- 
ture’s of imi-univalent electrolytes in aqueous solution may be tested from 
the activity coefficients determined by the freezing-point measurements on 
mixture’s of pe)tassium nitrate, potassium chloride, lithium nitrate, and 
lithium chloride discussed above (35). The results are all expressed as 
deviations from the first term in the logarithm of the activity coefficient 
give’ll above, A In 7 . Figure 6 shows the second term for each of the four 
salts in all the^ possible binary mixtures at a constant ionic strength of 1 
inolal. The mixtures with a common ion are in the center anel theise with- 
out are at the sides. It shows that the logarithm of the activity coeffi- 
e’ient is ve’ry ne’arly a linear function eif the compeisition eve’n in these con- 
ce’iitrate’d solutions. None of these curves is a straight line, but the 
d('viatioiis are so small as to be scarcely visi])lo in most, and the assump- 
tion of linearity would produce no great error in any of them. 

Figure 7 shows A In 7 versus the molality at constant composition. The 
l(‘ft-hand si(l(; gives as full curves the results for the four salts, each in its 
own solution. The liroken curves are the Debye limiting law (D) and the 
first term, or standard from which the deviations an’ calculated (S), In 
the r('st of the figure a full line represents A In 7 for the salt indicated on the 
curve in a solution of the salt indicated on the companion curve, and the 
broken line is the calculated value for either. I'liis figure shows that the 
calculation from the properti(’s of singh salt solutions is not only more 
useful than the assumption of proportionality, but that it is also more 
accurate. Yet interpolation from concentrated to dilut(’ solutions with 
the assumption of proportionality w'ould not lead to serious errors even in 
the worst cases, ''rhe deviation of the measured valiu’S from those cal- 
culated from the ]^roperti(’s of single salt solution varies w idely from salt to 
salt, but in no cas(’ is the difference more than a few per cent, even in molal 
solutions. 

This paper includes two (piite different subjects; the calculation of the 
equilibrium propcTtic’s of solutions of simple ions from the physical proper- 
ties of the ions, and the calculation of the properties of mixed solutions 
from those of s(dutions of the single salts. There is one objective common 
to both treatments, — to show^ that much may be, and already has been, 
accomplished in the treatment of concentrated solutions. The extension 
of the first treatment to more complicated ions may be left to the special- 
ists, but the aiiplication of the second method may be made with profit 
in any study of the physical or chemical equilibria involving electrolyte 
solutions. It is not necessary that the method used be the same in all 
its details as that outlined here, but it is important that we realize that a 
fairly simple and fairly accurate approximate treatment is possible. The 
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uiK^ertainties do increase with increasing concentration, but not very 
rapidly. A little further systematic work should reduce the uncertainties, 
but even now our methods of handling the results are as good as all but the 
best experimental work. 
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INTRODUCTION 

In recent years the dielectric, constants of solids have received much less 
attention from scientific inv(\stigators than have those of liquids, which 
have given such valuable information concerning molecular struoture. 
However, there is much of interest to be found in im'asurenKnts of the 
dielectric constant of solids, particularly of solids with rotating molecules 
whicli will foiin the subject of a major part of the present discussion. 

The dielectric ‘onstant of a substance was originally represented as 
arising from the induction of charges on the surfaces of the molecules (61, 
10), the molar polarization P of the substance being given by the expression 

o € - 1 M 47riV 

^ = *■ + 2 K ~ ~ T 

in which € is the dielectric constant, M the molecular weight, d the density, 
N the number of molecules in a mole, and ao th(^ dipole moment per mole- 
cule resulting from shift of charge ind’i(‘(‘d by an electric fi(4d of unit in- 
tensity. The Maxwell relation (57) c = n^, where n is the iruU^x of re- 
fraction, leads to identity between the molar polarization and the molar 
refraction. Substances for which the polarization is nearly (^qual to the 
mo^ar refraction for visible light show an approximately constant polariza- 
Uon as required by the Clausius-Mosotti relation and, consequimtly, a 
diel 'ctric constant whiidi decreases slightly with rising temperature as the 
density decreases. Debye (19) accounted for the many substances which 
did not obey this relation by introducing the additional term 

p = y 

" “3 U f 

in which g is the permanent dipole moment of the molecule, J: the Boltz- 
mann gas constant, and T the absolute temperature. The entire ex])re«- 
sion may be written 

P a + b/T 
329 
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Many determinations of the induced polarization a have shown it to be 
always larger, usually only slightly (76), than the molar refraction, which 
arises from the displacement of the electrons within each molecule and 
may, therefore, be represented as As this difference arises from the 

displae(*ment of nuclei, atoms, or groups, which have too great inertia to 
})e dis])laced in the rapidly alternating electric field of the light wave used 
in determining the electronic polarization Pe, it is called the atomic polar- 
ization P^. P^/ = hjT may be much larger than Pe + Pa = «, but is, 

of course, zero when the molecules have no permanent dipole moments 
and will also be zero when the molecular dipoles are unable to orient in an 
externally applied field. The dielectric constant, therefore, gives us a 
means of examining not only the distribution and mobility of charge inside 
th(^ molecule but also the freedom of the molecule in its environment. 



T IN'K 

Fig. 1. Dielectric constant-temperature curve (at 50 kilocycles) of benzene 

The expiTimental values for ihv. dielectric constants of solids are less 
accurate than those for liipiids, because' of the difficulty of completely 
filling the space between the plates of the coiulenser with a homogeneous 
sample. The ]iresence of impurities, particularly ionic impurities, even in 
extremely small quantitic's may introduce considerabk' errors in the neigh- 
borhood of the melting point. This latter effect necessitates caution in 
some cases in the interpretation of results near the melting point, but, in 
general, the validity of the conclusions to be drawn is not affected by the 
experimental errors. 


NON-POLAU MOLECULES 

For a solid consisting of non-polar molecules, that is, of molecules with 
no permanent dipole moment, the dielectric constant is very close to the 
square of the refractive index for visible light, and differs from the dielectric 
constant of the liquid only because of the difference in the number of mole- 
cules in unit volume. Thus, in the case of the non-polar substance ben- 
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zone 7i|) for the liquid at 20®C. is 2.25 and e is 2.29 (84), while at 5®C. the 
dielectric constant of the supercooled liquid is 2.34 (78) and that of the 
solid 2.40. The failure of the dielectric constant -temperature curves for 
such solids (figure 1) to show any rise with increasing dc'nsity at low tem- 
peratures is due to the fact that the material is usually frozen between the 
fixed plates of a coiuk'iiser, so that increasing di'iisity dot's not alter the 
amount of material between the plates. The total polarization P is 27.01 
for th(» vapor (58), 20. (>2 for the liijuid at 10°C. (84), and 20.70 for the 
solid at 5°(\ according to I'Tn'ra (23), and 28.5 at 0°(\ according to Mor- 
gan and Li)\\ry (00). As P/j is 25.1, may be taken as 1.9 (58). The 
difft'rence in polarization betwetai the solid and the liquid is evidently 
within the ex])<‘rim(‘ntal (‘rror, as would bt^ expt'ctt'd in vi(‘w of tlu' practi- 
cally iK^gligible (‘ffect which th<‘ environment of a group has upon its 
polarir ability (75, 77). The case of b(*nzene is typi(*al of a large class of 
substaiic(‘s without dipole moment, such as th(' paraffins, whose dicdectric 
constants d(‘]>(‘nd upon tlu' induced displacement of ek'ctrons and, to a 
very small extent, of atoms or groups in the mol(‘Cul(‘s. Thes(' dudectric 
constants are almost indcqx'ndent of physical stat(‘ and tem])(*rature, exc(*pt 
in so far as these factors determine the numl)er of moh'cules in unit volume, 
or, in otluT words, the number of charge's prese'nt to unde'rgo displacem(*nt. 
The slight rise* <jf IIk; curve for benzene near the melting point is the effect 
of minute traces of impuriti(\s. 

NON-MKTAI.LIC IONIC SOLIDS 

In non-mctallic ionic solids, the dielectric constant still arises only from 
shift of charge as in the non-polar molecular solids, but the shift of ionic 
charg which gives rise to P^f may play a more important part than the' 
electronic shift. Table 1 gives for the cubic latticed and, tlu're'fore, iso- 
tropic alkali metal halides (except those of ceisium the value's e)f the' die*le'ctric 
constant e and the sepiares of the refrae*tive^ indie^es no extrapedateel from 
tlK- visible region to infinite w'ave k'ligth by means e)f a edassical dispersion 
.v»rmula, anel table 2 gives the total anel the* atemiic polarizatiejns calculated 
fioiL these values (24). Ttie consiele'rable differences betwee n nl anel € are 
due to the displacements of the ions in the lattices. Both the total polar- 
ization P and the electronic P^ (= P — Pa) increase with increase in the 
size of either ion. The same trend is (ivident in the values of P^, but it is 
only approximate. The larger one ion is, the smaller is the effect of the 
size of the other ion upon P^. For ordinary field strengths, the actual 
ionic displacement is very small. For example, calculation .diows that 
the average displacement of each ion in rubidium iodide produced by 300 
volts per centimeter is only 10”^ A.U. As the displacement of the ions 
in the externally applied field depends upon the interionic forces, Errera 
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(24) has applied the Born theory of the lattice (6) to these dielectric con- 
stant valuers to calculate the infra-red wave lengths corresponding to the 
characteristic vibration frequencies in the lattices. From consideration 
of the fraction of the dielectric constant which is due to ionic displacement ex- 
pressed as {e — nl)/{e — 1), Errera and Brasseur (26) conclude that, for solids 
of one family, the fraction of the total polarization dependent upon ionic 
disf)lacement is greater, the smaller the ionic radius, the smaller the inter- 
ionic distances, and the smaller the electronic polarizability. At first 
glance, this statement appears to be a direct contradiction of the evidence 
given by the values in table 2 which tend to increase with ionic size. 

TABLE 1 

Dielectric constants and squares of refractive indices of alkali metal halides 



F 

Cl 

Br 

I 

c 

1 

n 

0 

« 

s 

n 

0 

« 

a 

n 

0 

C 

a 

n 

0 

Li 

9 2 

1.91 

11.05 

2.68 

12.1 

3.04 

11.03 

3.55 

Na 

4.9 

1.74 

5.77 

2.32 

5.99 

2.60 

6.60 

2.96 

K 

6 05 

1 83 

4 76 

2 17 

4.78 

2 35 

4.94 

2.64 

Rb 

5.91 

1.93 

5.20 

2.18 

4.70 

2.34 

4.81 

2.58 


TABLE 2 


Total and atomic polarizations of alkali metal halides 



F 

Cl 

Br 

I 

P 

i-A 

p 


p 


P 

‘'a 

Li 

7 20 

4.90 

15.80 

8.44 

19 74 

9.60 

25.38 

10.24 

Na 

8 45 

5 48 

16 58 

8 30 

20 05 

8.90 

26.60 

10.44 

K 

14 63 

9.57 

20 83 

10.29 

25 10 

11 65 

30.18 

11.45 

Rb 

17 32 

1 

10 73 

25 21 

13.02 

27 25 

12.06 

33 41 

12.82 


Increasing ionic size and separation lesvsen the binding forces between ions 
of opposite charge and, therefore, cause increasing The conclusion of 
Errera and Brasseur is based upon the effect per cm.^ of substance, while 
the polarization values are based upon the number of molecules per mole. 
The greater number of ionic charges present per cm.^ in the substances 
formed of small ions more than compensates for the stronger binding forces 
and thus gives higher dielectric constants. 

In anisotropic solids, the different forces in different directions cause 
diff(Tences in the dielectric constants in these directions. Thus, in the 
orthorhombic sulfates of strontium, barium, and lead — celestite, barite, 
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and anglesite (26) — the refractive index of each is about the same along 
its three crystal axes, but the dielectric constant along the 6 -axis is approxi- 
mately double those along the a- and c-axes, which are nearly equal. et> 
for anglesite has the unusually high value 54.6, more than ten times that 
due to eh'ctronie displacement alone. In a group of six rhombohedral 
carbonates, the refractive index along the equal a- and 6 -axes is larger 
than that along the c-axis. The dielectric constant along the a- and 6 -axes 
is slightly larger than ♦hat along the c-axis except in magnesite, where it is 
15 per cent smalhT than that along the c-axis. A group of four ortho- 
rhombic carbonates has almost equal refractive indices along the a- and 6 - 
axes, with somewhat lower values along the c-axis. The same is approxi- 
mately true of the dielectric constants except in aragonite, which has a 
value along the a-axis 60 per cent higher than that along the 6 -axis. Tita- 
nium (lioxidt' (71, 56) in the form of brown rutile, which is tetragonal, is a 
particularly striking example of the effect of ionic displacement, having a 
dielectric constant 170 parallel to its optic axis and a value 86 perpendicu- 
lar to thif’. axis. The excess of the mean values over the mean dielectric 
constant 78 found for transparent rutile may be due to impuriti(*s. 

Rising temperature tends to decrease the dielectric constant of a non- 
metallh^ ionic, solid by decreasing the number of molecuh's |)er cm.® as in 
the case of the non-polar molecular solids. At the same time, how(‘ver, 
the gr(‘at(‘r separation of the ions produced by the incr(‘asing volume weak- 
ens the forces b(‘tween them and thus increases tludr (*ase of displacement. 
In the cas(^s of calcium fluoride and sodium chloride examined by Br(‘tseher 
(7), th(‘ calculat(Hl increase of dielectric constant due to weakening of the 
interionic forces is nearly three times as large* as tlie d('cr(*as(‘ causes I by 
decre^^sing density. The expression for the total variation of diel(*ctri(! 
constant with temperature obtained by Brctscher is 

1 de J(€ — Co) / I o^ ^ ^ 

e dT = (n + 2 ) - - —- 3 - | y ^ 

wIm h* V is the volume and co is the contribution to tlui dielectric constant 
of el] oscillators except that due to residual rays. The values calculated 
by Bretscher for the temperature variation of e are considerably smaller 
than the observed, but of the correct order of magnitude. 

NON-ROTATING POLAR MOLECULES 

Solids consisting of polar molecules, that is, molecules possessing perma- 
nent dipole moments, commonly behave like those consisting ui non-polar 
molecules, because solidification usually fixes the molecuhjs with such 
rigidity in the lattice that orientation of the dipoles in an externally 
applied field is impossible. is therefore zero, and the dielectric con- 
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sta^nt depends simply upon the displacement of charges induced inside the 
molecule. The values of the electronic polarization Pe are unaffected by 
the presence of the dipole moments and the values of Pa arc little, if any, 
larger than those of the non-polar molecules (76). The dielectric constant 
of the solid thus depends upon the same factors as in the non-polar molec- 
ular solid. The dielectric constant temperature curve shows a great 
difference at the melting point, for, in the case of the non-polar molecular 
solid, the small change produced by melting is usually a slight drop caused 
by decrease in the number of molecules per cm.*, while the polar molecules 



Fia. 2. Dielectric cons taut- temperature curve (at 70 kilocycles) of nitromethane 

acquire freedom of rotation on melting and Pm changes abruptly from zero 
to a value often many times that of Pe + Pa- Nitromethane (85), which 
has a large dipole moment and, consequently, a large value of Pm in the 
liquid, affords a particularly striking example of this change at the melting 
point (figure 2). An impure sample of a polar substance may show a 
considerable increase in dielectric constant and in apparent conductance 
as the melting point is approached, presumably because of the separation 
of a small amount of a liquid phase. A slight increase in carefully purified 
solids may be due to the acquisition by an occasional molecule of sufficient 
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freedom to orient in an externally applied field or to the eiffect of increasing 
conductance upon the apparent value of the dielectric constant. A care- 
fully purified solid nitrobenzene of melting point 5.67®C. showed an increase 
in dielectric constant from 3.25 at 0®C. to 3.62 at 5°C., while pure solid ben- 
zene of melting point 5.4°C. increased by only 0.009 from 0° to 5°C., and 
benzene saturated with water (0.01 to 0.05 per cent) before freezing in- 
creased by only 0.01 from 0° to 5°C. (78). These comparative figures 
would certainly be int'^rpreted as giving evidence of some molecular rota- 
tion in the solid nitrobenzene were it not that a very minute amount of 
ionic impurity could conceivably have caused the rise in dielectric constant 
as the melting point was approached. It seems probable, however, that 
loosening of the molecular lattice as the melting point is approached gives 
sufficient freedom to an occasional molecule to permit its orientation in 
the ext(TnaIIy applied field. 

MOLECULAR ROTATION AND THERMAL ENERGY 

In consider ig the possibility of molecular rotation in solids it is neces- 
sary to weigh also the evidence given by specific heats and x-ray analysis. 
The thermal energy of solids as evidenced by their specific heats is due 
mainly to the translational vibrations of the atoms, ions, (,r molecules 
about fixed points in the crystals or in the molecules, although rotational 
vibration or very occasionally, free rotation of a molecules or polyatomic 
ion may play i part. A molecule in which all the atoms lie in a straight 
line may rotate easily around this line as axis, but, as such rotation involves 
only the minute inertia of the electrons, it has a negligible effect on the 
ordinary properties of the substance and will not be considered here. 
Molecular rotation as discussed in the present paper means rotation in 
which an actual translation of atomic nuclei occurs. Recent work on the 
diffraction of x-rays by liquids (68) has indicated the existence of a rough 
approximation to a lattice-like arrangement of molecules, as in crystals. 
T’lot^'ad of the perfectly random translational motion and complete freedom 
oi rotation which was forr^erly attributeii to the molecules of a liquid, 
Debye Las recently suggested (21) that the molecules are vibrating about 
points which themselves move relatively slowly through the liquid. Each 
molecule is, of course, acted upon by strong electric forces due to the sur- 
rounding molecules. Unless the molecule has spherical symmetry, one 
or more of its orientations in the electric field of force surrounding it are 
more stable than any others. If the maximum difference ('f potential 
energy between the different orientations of the molecule is l(‘ss than its 
thermal rotational energy, the molecule can rotate freely, but if this energy 
difference is greater than the thermal energy of the molecule, the latter 
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will tend to oscillate rotationally about an orientation of minimum po- 
tential enorjjjy. 

I'lie prol)l(*m of rotational oscillation, which has been treated theoreti- 
cally by Pauling (66) and others (31, 32) for crystals, may be simply illus- 
tratf^d by considering the case of the hydrogen chloride molecule in its 
crystal. Since this molecule contains a dipole in the H — Cl line with its 
positive end toward the hydrogen, it will tend to orient with this H — Cl 
axis in the direction of the electric field in which the molecule lies, the 
positive hydrogen side of the molecule pointing toward the negative side 
of the field. Turning of the axis of the molecule through an angle $ from 
this position will incr(‘ase the potential energy of the molecule by an amount 
y, which may be conveniently represented as a function of 6 by the 
equation 


y = Fo (1 — cos d) 

2yo is evidently the increase in potential energy when the axis of the mole- 
cule is turiK'd through an angle of 180®. The thermal energy of the mole- 
cule will cause it to rotate back and forth around the position $ = 0®, un- 
less this tlK'rmal energy is greater than 2yo, when it will turn over the 
potential energy hump and rotate freely. Pauling (66) gave an approxi- 
mate theoretical treatment of the prol)lem, showing that the commence- 
ment of molecular rotation with rising temperature accounted for a number 
of transitions which specific, heat measurements had revealed in certain 
solids, and predicting that dielectric constant measurements would show 
fn'cdom of rotation above these transitions. Fowler (31) recently used 
partition functions to represent the effect of molecular rotation upon the 
specific heats and dielectric constants of these substances which show tran- 
sitions. The equations thus obtained show that the transitions should 
occur, but re^quire the changes to be more gradual than those actually 
observed and are not successful in predicting where they should occur. 
Frenkel, Todes, and Ismailow (32) have based an approximate treatment 
on the assumption that tlie transition from non-rotation to rotation is very 
sharp, so that a rotating phiisc and a non-rotating phase are in equilibrium 
at a definite transition temperature. They are unable, however, to obtain 
much support of their treatment from the experimental facts. In view of 
the difficulty of fitting any quantitative theoretical treatment to the facts, 
it seems desirable to assemble a large body of experimental evidence and 
consider it qualitatively in the light of the fundamental principles which 
must guide any quantitative treatment. 

As the specific heat depends upon the energy associated with the various 
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oscillations in the crystal, its variation with temperature may give evi- 
dence as to oscillation or free rotation of the molecule. The rotational 
oscillation of the molecules increases with rising temperature and may 
acquire sufficient energy in the solid to pass over the hump in the potential 
energy curve, which means free rotation. Although one would expect this 
attainment by the molecules of sufficient energy to rotate to be distributed 
over a considerable interval of temperature, it should be remembered that 
the setting-in of rotation of one molecule will weaken tlu* forces which it 
exerts upon its neighbors and ther(‘by facilitate their rotation. Th(^ 
setting-in of rotation may, therefore, be sharp like melting, and should 
commonly cause structural change's in the solid. The resulting transition 
is shown l)y a break in the specific heat-temperature curve, which rises 
sharply because of the lieat of transition and sinks sharply again. How- 
ever, such a break may also accompany a transition which can have noth- 
ing directly to do with molecular rotation. 

As rotation makes the field of force exerted by a molecule symmetrical 
around the axir of rotation, it is apt to give symmetry to a lattice. If the 
rotating molecule is fairly symmetrical in form, the lattice is usually one 
which could be formed of close-packed spheres, commonly cubic or hexa- 
gonal. From th(' opposite point of view, if th(» crystal is isotropic, the 
potential energy of a molecule will tend to vary less with its orientation in 
th(' lattice*, which means that the molecule is more apt to rotate freejy. It 
is obviously des'rable to correlate the lattice structure as nwealed by x-ray 
analysis with the evidence of molecular rotation. 

SUMMARY OF EXPERIMENTAL MATERIAL 

Tabic* 3 summarizes the information in regard t ) rotation or non-rotation 
in a large number of solids which either show rotation or might b(^ expected 
to show it but do not. The table aims at completeness as far as concerns 
the information given by dielectric constant measurcmfuits, which provide 
tb^ b'*st means of examining the rotation of a rnoleeuli* having a dipole 
monc'nt, and lists most of the transitions m m; or less clearly indicated by 
specific heat measurements as due to the commencement or the cessation 
of rotation, but does not include all of the cases in whi(;h symmetry deduced 
from x-ray analysis js attributed to rotation. The first (;olumn gives the 
molecule or ion under consideration, and the third gives the t(*inperatun*s 
of the rotational transitions and other transitions in the neighborhood or a 
statement of the absence of rotation. The second and fourth columns 
give, when po'-sible, the forms of lattice bek'w and above the transitions. 
Where no rotation oeeurs below a transition giv(;n in the thin! column, no 
statement of the fact is made in the second column. 
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• Unless otherwise indicated this information is taken from the compilations by R. W. G. Wyckoff, The Structure of Crystals, 
2nd editic n (The Chemical Catalog Co., Inc., New York, 1931) and Supplement for 19SO-19$^ to the Second Edition (The Chemi- 
cal Catalog Co., Inc., New York, 1935). 
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DISCUSSION OF EXPERIMENTAL MATERIAL 

111 solid hydrogen, whi(!h crystallizes in the hexagonal system correspond- 
ing to the closest possible packing of spheres, the H2 molecule rotates (66). 
The forces between the hydrogen molc(;ules are so weak that there is little 
variation in the energy of their orientation, and they rotate even with the 
low eiKTgies which th('y possess a few degrees above the absolute zero. On 
the other hand, tlu^ eipially symmetrical diatomic molecule of iodine shows 
no rotation in its orthorhombic lattice, because the spacing of the mole- 
cules is so clos(‘ in this lattice that they have no room to turn over. The 
specific heat curves for solid chlorine and bromine, the crystal structures of 
which are unlisted, also giv(^ no evidence of rotation. The upper of the 
two transitions listed for oxygen is indicated by the specific heat curve as 
due to the setting in of rotation or, at least, to a great increase in any free- 
doni of rotation possibly existing below it and above the lower transition. 
The rotation of the nitrog('n molecule sets in at a slightly lower tempera- 
ture', while that of tlu* less symmetrical carbon monoxide molecule, which 
has a small dipok' moment, O.ll X requires an appreciably higher 

temperature. One would expect to find rotation setting in for nitric oxide 
at a temperature not far from that of the rotational transition in carbon 
monoxide, but specific heat measun'inents give no positive evidence of 
any transition. If the molecules form the complex N2O2 at low tempera- 
tures, of which there is indication (45), the abseiu'e of rotation is explained. 
The linear triatomic molecules of nitrous oxide and carbon dioxide show 
no rotation in their cubic lattices because there is not sufficient space for 
end-over-end rotation. 

Methane crystallizes in a (^ubic lattice and undergoes a sharp transition 
at 20. 4® K., as shown by the specific heat -temperature curve, without any 
ai)parent change in the lattice structure. The molecule has the form of a 
H'gular tetrahedron with rounded corners and an indentation in the middle 
of each edge. Its symmetry is such that th(*re should be little variation 
in the energy of its oric'iitation. Rotation can thus set in at the low tem- 
perature found for its transition. The corresponding silicon compound 
8ill4 undergoes a less sharp transition at 63.4°K. with a change to a more 
symmetrical lattice above the transition (12) ; data on the crystal structure 
are lacking. Although this monosilane molecule should be similar in form 
to that of methane, the larger silicon atom, wliich has a bond radius 50 
per cent larger than that of carbon, gives a longer edge to the tetrahedron 
and a greater variation in the energy of molecular orientation, requiring a 
higher temperature to produce rotation. 

The ammonia molecule, a flattened tetrahedron with a dipole moment 
of 1.46 X 10“^* (18), crystallizes in the cubic system. Neither specific 
heat nor dielectric constant measurements show molecular rotation in the 
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crystal. The con8idora])le dipole moment of the molecule as well as the 
lower symmetry of its form causes a much fj:r(‘at('r variation in the poti'iitial 
energy of its orientation than that found in methane and monosilane, the 
energy dififerences b(anp: api)arently greater than the thermal energj'^ of 
rotational oscillation which the molecules acciuire Ix^fon' melting. It would 
seem that rotation might occur fairly eiusily around tlu' axis of the dipole 
moment, which is the perpendicular drawn from the nitrogen nucleus at 
the apex of the molev'iilar pyramid to tlie triangular base at tlu' three 
corners of which lie the hydrog(‘n nuclei. This rotation would not be 
revealed by the dieh'ctric constant measurements, as it involves no motion 
of the molecular dipole, but it has not been (‘vichaiced in the specific h(*at 
measurements. 



Fia. 3. Temperature dependence of the dielectric coi:»lunt (at 50 kilocyclc‘8) of arsine 

Phosphine, which should resemble ammonia in mol(*cular shape as 
monosilane does methane, has a dipoh* moment of 0.55 X 10“^® and exists 
v'i H cubic lattice at Below this temperatun’, two inon* transi- 

tions are shown by the spc'eiTie heats (13), which are indicative of molecular 
rotation above them. Tlu* small size of th(‘ dipoh* monuxit as compared 
to that of ammonia t(*nds to nxluce its eontrihution to the f)otentiaI hump 
to slightly more than a third of that giv(*n by th(‘ ammonia dipoh?; the 
larger size of the molecule reduciis the int(Tnal fi(‘ld and thus furt h(*r nxiucuis 
the potential hump which tends to pr('V(*nt molecular rotation. However, 
the specifics heat iiK^asureinents show that tlui situation in phosphine is 
very involvetl, requiring further investigation. Tlie dielectric constant 
arsine (83) (figure 3) is higher at 20.5°K. than that of the* liquid, hut rises 
rapidly with temperature up to 32.1®K., where the rotational transition is 
complete. From this point up, the dielectric constant behaves lik(i that 
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of a liquid, the lattice being reported cubic at 103°K. The second transi- 
tion at 106.6°K. produces a very slight rise in the dielectric constant, which 
then falls off much more slowly than before. This is similar to the effect 
of the upper transition in hydrogen bromide, hydrogen iodide, and hydro- 
gen sulfide, indicating, probably, a change in lattice dimensions with con- 
sequent change in internal field but no fundamental alteration in lattice 
structure. 

The ammonium ion has a higher symmetry than the NHs molecule, 
presumably, resembling the methane molecule in form and size. However, 
beciausc of its charge and that of the anion occurring with it in the solid 
ammonium halides, a much stronger internal field should exist in the crys- 
tal, and the differences in the energy of orientation should be greater than 
in the methane crystal. Accordingly, the rotational transition shown by 
specific heat measurements in ammonium chloride occurs at a temperature 
222°C. above that in methane. The same transition is found in ammonium 
bromide and iodide, but tlie transition temperature becomes lower with 
increase in size of the halide ion, which weakens the internal field of the 
crystal, thus lowering the potential energy humps that tend to prevent 
rotation. Ammonium bromide has a tetragonal lattice below the transi- 
tion and a cubic above, where rotation causes greater symmetry. The 
chloride and iodide have apparently not been investigated with x-rays 
below this transition. All three show a second transition, which seems to 
be a mere lattice change. Although the lattices are cubic both above and 
below these upper transition temperatures, they are of the sodium chloride 
type above and of the cesium chloride type below. In the ammonium 
fluoride crystal, which is hexagonal, the small fluoride ion gives so strong 
an internal field that molecular rotation is not indicated by the specific 
heat-temperature curve, although a slight hump occurs in it at about the 
temperature of the transition in ammonium chloride. Possibly a hydrogen 
bond between the ammonium and the fluoride ion may fix the former and 
prevent rotation. 

n-Amylammonium chloride forms a lattice like that of the high tempera- 
ture form of ammonium chloride, except that the extended zig-zag carbon 
chain extends the lattice in the direction of its axis, causing the form to be 
tetragonal. The separation of the chains is sufficient to permit rotation 
of the CsHiiNHa^ ions around their axes, the rotation presumably setting 
in at the temperature of the lower transition. Molecular rotation accounts 
for the fact that ammonia is often found by x-ray analysis on axes of 
symmetry too high for its intriD.sic S 3 rmmetry, as in Co(NHs) 6 Cl 2 (4). Ber- 
nal (2) by x-ray analysis has found CwHstNHsCI to be orthorhombic with- 
out any rotation, but Muller (62) finds, with rising temperature, a gradual 
setting-in of rotation around the axis of the chain in the paraffins C 21 H 44 
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and C 23 H 48 * The paraflSns from C 24 H 50 to C 34 HT 0 which he has investigated 
show transitions 5® to 10®C. below their melting points with an apparent 
gradual setting-in of rotation in the narrow temperature ranges between 
the transition and the melting points. 

Ammonium nitrate offers one of the most interesting examples of ionic 
rotation, although some doubt exists in regard to certain of th»^ statements 
concerning it in table 3. A gradual transition at about 213®K. suggests 
the setting-in of rotation of the ammonium ion, which is apparently occur- 
ring at 240®K. The nitrate ion begins to rotate about the axis normal to 
the plane of its three oxygens when the transition from orthorhombic to 
tetragonal occurs at 357®K., and the cubic lattice results when this rotation 
becomes free in all directions at 398°K. giving the nitrate as well as the 
ammonium ion spherical symmetry. Sodium nitrate shows a gradual 
transition at 548. 5®K. without change of crystal form, resembling the 
357®K. transition of ammonium nitrate in that the NOs" ion begins to 
rotate in the plane of its three oxygens, the number of rotating nitrate ions 
increasing rapidly as 548.5°K. is approached. Austin and Pierce (1) have 
shown that, as the rotation increases, the crystal expands rapidly in the 
direction of the axes of rotation, indicating a weakening of the forces 
between the planes in which the ions lie. This type of rotation of the 
nitrate ion sets in at a considerably lower temperature in potassium nitrate, 
a lattice change within the orthorhombic system occurring. Kracek, Hen- 
dricks, and Posnjak (63) state the probability that the nitrate ion has 
spherical symmetry, owing to rotation, in calcium, barium, strontium, and 
lead nitrates and nickel nitrate hexammoniate. Many thermal transitions 
found in other inorganic solids containing small or symmetrical ions arc 
doubtless caused by the setting-in of rotation, but the information con- 
cerning them is not sufficient to warrant their discussion here. 

Phosphonium iodide, which has tetragonal symmetry, shows no transi- 
tion between licjuid air and room temperature (12), although one might 
look for molecular rotation. The lower symmetry of the lattice? may make 
the potential humps high enough to prevent rotation. The transition in 
monosUane is 43®C. higher than in methane, and in the strong field of the 
ionic lattice the difference between ammonium and phosphonium may 
be much greater. 

For ice, which has a hexagonal lattice, the specific heat-temperature 
curve shows no transition at atmospheric pressure (73, 36) and gives no 
direct evidence of molecular rotation. The dielectric constant measure- 
ments (22, 40, 44, 63, 78, 89) show the possibility of rotation with a diffi- 
culty which increases rapidly but continuously with falling temperature. 
Under some conditions, the dielectric constant is distinctly higher than 
that of liquid water, 88.0 at 0°C. (91), and its general behavior is like that 
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of a very viscous polar liquid, in which molecules with large dipole moments 
orient in an externally applied field but do so with great difficulty. For 
frequencies of 1/3 to 1/270 per second, Murphy (63) finds a value about 
150 at — 90°C., falling off gradually with rising tempemture and rapidly 
with falling temperature. His values, about 99 for 1000 cycles at 0°C., 
for example, are higher than those of Smyth and Hitchcock (78), which are 
reproduced in figure 4 because they cover such a range as to show well the 
decrease in dielectric constant with rising temperature at low frequencies 
like that in a polar liquid. The higher values found by Murphy may be 
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Fig. 4. Variation of the dielectric constant of ice with temperature and frequency 
(in cycles). 

Fig. 5. Variation of the dielectric constant of frozen 0.0002 M potassium chloride 
solution with temperature and frequency (in cycles). 


due to better filling of his condenser with the solid or to ionic impurities, 
which are sufficient even in distilled water to raise the value appreciably 
(78). 

Pauling (67) accounts for the entropy of ice by supposing that a crystal 
can exist in any one of a large number of configurations, each corresponding 
to certain orientations of the water molecules and change from one con- 
figuration to another resulting from rotation of some of the molecules or 
movement of some of the hydrogen nuclei to other equilibrium positions 
in the lattice. The very recent discussion of the wspecific heat and entropy 
of ice by Giauque and Stout (36) adopts this point of view in contrast to 


DIELECTRIC CONSTANTS OF SOLIDS 


349 


the earlier view of Giauque and Ashley (34), which supposed rotation of 
the H 2 O molecule even at very low temperature around the line bisecting 
the H — O — H angle, a view difficult to reconcile with the strong internal 
field of the crystal and the consequent variation of potential energy with 
the orientation around this axis. Huggins (43) has given a qualitative 
explanation of the dielectric constant of ice, in terms only of the displace- 
ment of the hydrogen nuclei from one equilibrium position to another 
between the oxygens iii the lattice. Steam and Eyririg (87) have calcu- 
lated from the observed dielectric constant values that such displacements 
involve reasonable energy changes, as would molecular rotation also. 
Although the behavior of the dielectric constant of ice is explicable in terms 
of other types of polarization than that depending upon tlu* orientation 
of its polar molecules, the turning of the molecule with difficulty in the 
externally applied field seems to be consistent with all the facts (cf. 20, 3). 
The fact that a similar dependence of dielectric constant upon frequency 
and temperature has been observed in four salts with water of hydration 
(26, 27), in two of them along one crystal axis only, supports the supposi- 
tion that it is a question of molecular orientation or rotation in ice. 

The great effect of ionic impurities upon the dudectric constant of ice is 
shown by figure 5, in which the solid lines represent the dielectric constants 
of frozen conductivity water and the broken lines the values for a frozen 
0.0002 M solution of potassium chloride which contained 278,000 water 
molecules for each potassium ion and chloride ion (78). The curves for 
each frequency are connected by a bracket, which is marked with the fre- 
quency in cycles. At low frequencies the dielectric constants of the frozen 
solution were much higher on first cooling down slowly from the freezing 
point than on warming up. Arrows pointing downward and upward 
distinguish the curves for falling and rising temperatures. With increasing 
frequency, the difference between the falling temperature and the rising 
temperature curves becomes small and actually reverses, and the differ- 
ence between the pure ice and the frozen solution ahnost disappears. 

lilrrora and his coworkers (26, 27) have found that the dielectric behavior 
of a number of salt hydrates is very similar along at least one crystal axis 
to that of ice. Single crystals of MgPt(CN)4*7H20 and Y2Pt3(CN)i2* 
2 IH 2 O show dielectric constants along the a- and 6-axes almost independent 
of temperature and frequency, while along the c-axis the dielectric constant 
is much higher and dependent upon temperature and frequency, indicat- 
ing the rotation with some difficulty of one or more of the molecules of 
water of hydration. Rotation appears possible in the corresponding cal- 
cium and strontium compounds and in BaPl(CN)4*4H20, which has a 
dielectric constant of 9.5 along the c-axis. Rotation is also evident in the 
pentahydrates of copper sulfate and sodium thiosulfate. 

The extraordinary behavior (50, 25, 93) of Rochelle salt, NaKC 4 H 40 c* 
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4 H 2 O, must be attributed to orientation of the H 2 O dipoles. Dielectric 
constant values as high as 20,000 and as low as —381 have been observed, 
the values depending not only upon frequency and temperature but also 
upon field strength. The dielectric constant shows an anomalous dis- 
persion curve similar in form to that given by a refractive index in a region 
of absorption. Orientation of the dipoles in the external field is accom- 
panied by further orientation in the internal field, analogous to that 
occurring in ferromagnetism, the result being a dielectric analogy of the 
Curie point. As the rotating unit is only one of several factors in the lattice 
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Fig. 6 . Dielectric constant-temperature curve (at 5 kilocycles) of hydrogen 
sulfide: circles, rising temperature; dots, falling temperature. 

of these hydrates, the crystal form may have a lower symmetry than in 
the cases of those substances in which the entire molecule is rotating. 

Hydrogen sulfide is shown by its specific heat- temperature curve (13) 
to undergo two transitions in the crystal, which are checked within 0.1®C. 
by breaks in the dielectric constant-temperature curve (figure 6) (79, 49). 
This latter shows that freedom of molecular rotation occurs below the 
melting point and is practically unaffected by the higher transition, which 
is evidently only a minor lattice change; the rotation ceases abruptly below 
the lower transition, 103. 5®K. At about this temperature x-ray analysis 
shows a cubic lattice, which presumably persists up to the melting point 
but is not necessarily the structure below the lower transition. Prelimi- 
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nary dielectric constant measurements (83) show that hydrogen selenide, 
which has a cubic lattice at about 103®K., possesses freedom of molecular 
rotation in the crystal even at liquid air temperature. 

Hydrogen fluoride resembles water and ammonia in that its specific 
heat-temperature curve shows no transition in the solid above liquid air 
temperature (14). X-ray and dielectric constant data are not available. 
Increase in the size of the halogen brings about molecular rotation in the 
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Fig. 7 Fig. 8 

Fig. 7. Temperature dependence of the dielectric constant (at indicated kilo- 
cycles) of hydrogen chloride. 

Fig. 8. Temperature dependence of the dielectric constant (at 60 kilocycles) of 
hydrogen bromide. 


crystal. Hydrogen chloride solidifies with a cubic lattice which has a 
dielectric constant "(figure 7) (16, 80) higher than that of the liquid, increas- 
ing in accordance with the Debye equation as the temperature falls and 
dropping sharply to a low value as molecular rotation ceases at 98.9°K., 
where specific heats (30, 37) indicate a rotational transition. Below this 
transition x-ray analysis shows orthorhombic symmetry and, for some 
degrees below it, the slowly diminishing dielectric constant and conduct- 
ance, which latter rises sharply at the transition, indicate a very slight or 
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occasional but decreasing freedom of rotation. Hydrogen bromide (figure 
8) resembles the chloride in showing rotation, but differs from it in possess- 
ing two additional transitions above that at which the lattice probably 
changes from orthorhombic to cubic with the setting-in of rotation. Be- 
cause of disagnKiment between iuvc^stigators (64, 70) the crystal structure 
is not (certain, but the orthorhombic modification reported by Natta (64) 
in the neighborhood of the lowest transition probably corresponds to the 
lattice of non-rotating molecules, and the cubic lattice reported by him in 
the vicinity of the two upper transitions presumably consists of rotating 
molecailes. Ruhemann and Simon (70), however, believe that the lattice 
is face-centered rhombic throughout. The two additional transitions are 
so close together that it can only be said that the dielectric constant (80) 
is slightly lower between them, but above them the dielectric constant- 
temperature curve is much flatter, showing a marked change in the internal 
field of the crystal. The lowest of the three transitions differs from all 
the others which are here discussed in that the dielectric constant rises 
very high and depends upon the frequency of the field in the immediate 
neighborhood of the transition. It appears that this may be a dielectric 
Curie point, a phenomenon previously observed only in Rochelle salt (25, 
50, 93). Hydrogen iodide resembles the chloride and bromide in behavior, 
but differs from all the other simple molecules which rotate in the crystal 
in that it has a face-centered tetragonal lattice. The dielectric constant 
measurements have not been extended to the low temperature at which 
the specific heat indicates the commencement of rotation (39), but the 
one transition which occurs above this temperature causes a very slight 
drop in dielectric constant, followed by a much smaller rate of decrease in 
the di(4e(;tric constant with rising temperature. This transition evidently 
involves a change in th(^ internal field, as in the cas(‘ of the highest hydro- 
gen bromide transition, but here also x-ray analysis shows no molecular 
rearrange alien t. Indeed, ('xcept for an abnormally large decrease in 
vohime, presumably caused by the transitions, the lattice remains un- 
changed down to 21 °K. (70), a temperature below the lowest transition. 
The t(‘mperature nec(\ssary to produce rotation decreases with increasing 
size of the halogen in this group of compounds, as it does in the ammonium 
halides. Increasing molecular size also facilitates rotation in the groups 
consisting of water, hydrogen sulfide and hydrogen selenide and ammonia, 
phosphine and arsine. The reverse is true in the case of methane and 
monosilane, wliere also the first member of the group rotates in contrast 
to the other three groups, in which the first member shows no rotational 
transition. All of these rotators except the ammonium ion, methane, and 
monosilane have dipoles, which decrease in size with increasing size of the 
molecule and are, at the same time, farther separated from one another 
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the larger the molecule. In both of these ways, therefore, increasing size 
of the molecule should facilitate rotation by decreasing the height of the 
potential energy hump which tends to prevent molecular rotation. In the 
ammonium halides the field due to the negative charge of the halide ion 
decreases with increasing ionic size, and the potential hump is thereby 
reduced. In all of these solids van der Waals forces are tending to draw 
the molecules or ions together, but the potential energies due to these 
forces should not vary greatly with orientation of the ions or molecules. 
The van der Waals forces must be greater in monosilanc than in methane, 
because of the greater polarizability of the molecule (75). The variation 
in the resulting potential energies with molecular orientation may be 
sufficient to account for the higher rotational transition temperature of 
monosilane. 

The energy changes (13) accompanying these rotational transitions 
seem not to show any v('ry general relationships. The heats of fusion of 
the hydrides in which rotation occurs are much lower than thosc^ of am- 
monia, water, and hydrog(ni fluoride, since they hav(^ already acquired 
considerable amounts of energy before reaching th(j melting point . 

The small molecule of hydrogen cyanide shows no molecular rotation 
in the solid according to recent dielectric constant measurements (83). 
It may be that the HCN molecules, which are linear, are so located in the 
lattice as to block one another's rotation, as do the h molecules in their 
crystal. The large dipole moment, 2.93 X 10“^* (81), in the small mole- 
cule would give a strong internal field and a large variation in potential 
energy with orientation of the molecule, wdiich would tend to prevent 
rotation. The x-ray photographs of potassium cyanide give no evidence of 
sepal ate carbon and nitrogen positions, which would be expected if the 
cyanide ion were rotating in the lattice (90). It seems probable that the 
potential barrier to rotation of this ion is lower than that for the hydrogen 
cyanide molecule, so that rotation may occur. 

In view of the case of rotation of methane and of hydrogen chloride, 
l^romide, and iodide, it is interesting to conclude from the low dielectric 
constant values found (60) for solid methyl chloride, bromide, and iodide 
that there is no molecular rotation around any axis perpendicular to the 
carbon-halogen line. The diele(;tric constant, of course, gives no informa- 
tion as to rotation around the carbon-halogen line, in which the molecular 
dipole lies. Low dielectric constants found (60) for solid methylene 
chloride and chloroform also give no evidence of molecular rotation. The 
dielectric constants of solid ethylene chloride (79), examined for intra- 
molecular rotation as well as that of the molecule as a whole, and of solid 
nitromethane (85) show no rotation. It is probable that all of these mole- 
cules are so located in their lattices as to block one another’s rotations 
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around axes perpendicular to the axes of symmetry in which the dipole 
moments lie. The dielectric constant of heptyl bromide shows no rota- 
tion, perhaps because of the low temperature at which it melts. 

In methyl alcohol specific heat measurements show a transition a short 
distance below the melting point, and dielectric constant measurements 
show some freedom of rotation above this transition (79, 82). A new 
factor enters into the consideration of this rotation, for it might be a rota- 
tion of the entire molecule, as in the previous cases examined, or it might 
bo merely a rotation of the hydroxyl group around the single carbon-oxy- 
gen bond, with which the dipole in the li — O makes an angle not far from 
110°. If it is rotation of the hydroxyl group within the molecule, similar 
rotation slu)uld occur at least as easily and probably more easily in the 
higlier alipliatic alcohols. As the specific heats whi(4i have been deter- 
mined for higher aliphatic alcohols show no rotational transition, and as 
dielectric constant measurements (82) upon tertiary-butyl alcohol and 
n-octyl alcohol show that there is no dipole rotation in these solids, it must 
be the entire molecule which rotates in solid methyl alcohol. However, 
the dielectrics constant is so much lower in the solid than in the liquid that 
the freedom of rotation is evidently much more reduced by the internal 
field of the solid than by that of the liquid. Possibly rotation occurs only 
about the C-0 axis. Bernal (2) has found by x-ray analysis that dodecyl 
alcohol shows a transition from monoclinic to hexagonal at 289°K. with 
molecular rotation setting in around the axis of the carbon chain. It is 
probable that the higher temperature attainable before melting gives the 
necessary energy which was lacking in the case of the lower melting octyl 
alcohol. 

Ethyl behenate, with its very long carbon chain and considerable dipole 
not far from one end of the chain, shows by its dielectric constant (9) that 
it possesses some freedom of rotation above a transition at 316°K., which 
is only 4.8° below its melting point. The situation is complicated by the 
existence of two a-forms above this transition and two j3-forms below it, 
with the possil)ility of metastable equilibrium. However, the polariza- 
tions of the a-forms arc somewhat less than half way from those of the 
/3-forms, which show no rotation, up to that for the liquid. Presumably, 
there is in the a-form some rotation about the axis of the long carbon chain 
like that in dodecyl alcohol and the long chain hydrocarbons previously 
mentioned. 

Methyl sulfate (figure 9) shows a tremendous drop of 52 units in its 
dielectric constant on solidification at 241. 7°K., but the value 8 of the 
solid shows the persistence of some freedom of dipole orientation (78). 
The tendency of this value to increase slightly with falling temperature indi- 
cates suflScient freedom to permit of a partial conformation to the Debye 
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equation for the dielectric constant. This freedom disappears abruptly 
when the dielectric constant drops to 3 at about 203®K., which is to be 
regarded as a rotational transition. If the two CHs — O groups attached 
to the central sulfur atom were free to rotate around their sulfur-oxygen 
bonds, the dipoles associated with the C — O bonds might possibly account 
for the value of the dielectric constant between the melting point and the 
transition. However, it appears probable that the two methyl groups 
would collide frequently and interfere with one another’s motion, and that 
their freedom of rotation might be hindered by the forces exerted upon 
them by the rest of the molecule. It seems more probable that, between 
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Fia. 9. Variation of the dielectric constant of dimethyl sulfate with temperature 
and frequency (in cycles). 

thp transition point and the melting point, the molecule is free to turn 
around an axis whicli makes an angle quite different from 90° with the 
axis of the effective dipole of the molecule as a whole. This means that 
only the component of the moment perpendicular to the axis of rotation, 
that is, fi sin d, where d is the angle between the dipole axis and the axis of 
rotation, contributes to the dielectric constant in this region. The fact 
that ethyl sulfate (78) shows no molecular rotation indicates that the 
greater bulk of the ethoxyl group prevents either its rotation or that of 
the whole molecule, as the case may be. 

The recent work of Morgan and his coworkers (88, 92) has shown that 
molecules bulkier than methyl sulfate may rotate in the solid. The dielec- 
tric constant of d-camphor hardly changes on solidification to a cubic 
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crystal at 450.7®K., and rises with decreasing temperature in the manner 
usual with a polar liquid. It is practically unaffected by a change from 
the cubic to a rhombohedral crystal at 370°K., but shows the disappearance 
of rotation from 236° to 233°K. when the crystals are transformed into 
very birefringent crystals, also rhombohedral. Molecular rotation persists 
in dZ-camphor to a lower temperature, falling off rapidly below 208°K. and 
gradually for nearly 90° more. Borneol and isoborneol, which differ from 
camphor in possessing a CHOH group instead of a carbonyl group and, 
therefore, have a considerably smaller dipole moment, show rotation which 
ceases at a much higher temperature than in camphor. It is interesting 
to note that the mere interchange of the hydrogen and hydroxyl in the 
CHOH group changes the transition temperature 40° and causes a great 
difference in sharpness, isoborneol requiring about 35° and borneol about 
5° for the major part of the change. Bornyl chloride, which has a chlorine 
instead of the hydroxyl of borneol, shows molecular rotation down to 
about 165°K. and d-camphoric anhydride shows it between freezing at 
495°K., which lowers the dielectric constant but slightly, and a sharp 
transition at 408°K., where it ceases. The dielectric constant of cyclo- 
hexanol docs not change on freezing, but falls off between 250°K. and 
205°K., depending upon the frequency of the field, which shows that free 
rotation becomes difficult in this region and ceases below it. Other cyclo- 
hexyl compounds also are mentioned (88) as showing molecular rotation 
in the solid. The freedom of rotation of these large molecules is attributed 
by White and Morgan (88) to a loosening of the structure by great atomic 
vibration within the molecules, evidence of which is given by the large 
atomic polarization found for d-camphor. However, as the three dimen- 
sions of the camphor and related molecules do not differ greatly from one 
another, it is probable that the energies of many and, possibly in some 
cases, of all of the orientations of the molecule in the lattice differ from one 
another mainly in the energies of the molecular dipole in the field surround- 
ing it. As the large hydrocarbon residues of the molecules presumably 
separate the dipoles widely, as compared to their spacing in a lattice of 
small molecules, they should lie in a comparatively weak field. It would 
appear, therefore, that molecular rotation should be possible without 
loosening by great intramolecular vibration. In the cyclohexane deriva- 
tives, it is easy to picture rotation occurring, at least around an axis per- 
pendicular to the ring. 

One might attribute the rotation in the borneols merely to the hydroxyl 
group in a molecule rigidly held in the lattice, but, as the other large mole- 
cules must rotate in order to account for their dielectric constants, there 
is no reason to suppose that the entire molecule does not rotate in the case 
of these hydroxyl compounds. Phenol, anisole, and hydroquinone di- 
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methyl ether, which were investigated by the dielectric constant method 
for possible rotation of the hydroxyl or methoxyl groups, show no molecu- 
lar or group rotation in the solid. Dielectric constant measurements show 
no rotation in nitrobenzene and benzophenone; the latter was investigated 
because of its existence in different forms. As an entire benzene ring with 
attached group would have to rotate to be apparent in these measurements, 
it is natural to obtain a negative result. Aniline and methylamine also 
show no rotation of the molecule as a whole or of the NHo group around its 
carbon link. Ethyl ether, investigated because of the difference between 
its freezing and melting points (42), and acetone and succinic acid, which 
show small humps in their specific heat curves, give no evidence in their 
dielectric constant values of either molecular or group rotation (59). In- 
deed, dielectric constants have failed to establish definitely the existence 
of the free rotation of any group within a molecule in the solid state unless 
water of hydration is regarded as an intramolecular group. Specific heats 
are, however, sometimes interpreted as indicating group rotation within a 
molecule (66) 


CONCLUSIONS 

Of the eighteen substances of known crystal form in table 3 which show 
unrestricted ionic or molecular rotation, twelve, if potassium cyanide is 
included, are cubic when this rotation is occurring, four hexagonal, one, 
d-camphor, rotates freely both in its cubic and its higher temperature 
hexagonal form, and one, hydrogen iodide, is tetragonal, its a- and c-axes 
differing by only 8 per cent. The four which are only hexagonal are dia- 
tomic molecules rotating and melting at low temperature. Since free 
rotation gives spherical symmetry to a molecule, it is natural to find that 
molecules possessing it form lattices corresponding to the arrangements of 
close-packed spheres. When the axes of a molecule or ion are markedly 
different in length, rotation about only one of them, although tending to 
increase the symmetry, does not necessarily give rise to a cubic or hexag- 
onal lattice. 

It is evident that the moment of inertia of the molecule does not have 
the dominant effect in determining rotation that has been attributed to it in 
some discussions. .The setting-in of rotation occurs at a higher tempera- 
ture in monosilane than in methane, but this may be due to stronger inter- 
molecular forces rather than to the larger moment of inertia of the mole- 
cule. The non-rotation of hydrogen fluoride and the very limited rotation 
in ice are due to hydrogen bonds between the molecules, or, possibly, merely 
to the strong internal fields in the crystals and the considerable dipole 
moments of the molecules as in ammonia. The heavier hydrides analo- 
gous to each of these three show rotation at lower temperatures with in- 
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creasing weights and, hence moments of inertia, probably because of the 
decrease in dipole moments with increase in size. The case of rotation of 
the camphor and similar molecules with very large moments of inertia 
shows that large moment of inertia in itself is not sufficient to prevent rota- 
tion. Actually, examination of Pauling’s theory (66) shows that the 
moment of inertia is a factor in determining the oscillational or rotational 
energy levels of the molecule and, hence, the distribution of energy among the 
molecules, but docs not directly affect the potential energy barrier which 
the molecule has to pass in order to rotate, except through its vsmall effect 
in determining the zero energy level. It is this barrier which is all-impor- 
tant in determining rotation or non-rotation. If the molecule has a much 
larger moment of inertia around one axis than around the others, its rota- 
tion around this axis is more apt to be blocked by its shape. Increasing 
molecular size, incidentally involving increasing moments of inertia, gives 
greater potential energies between the molecules and, consequently, in 
most cases greater variation of potential energy with orientation of the 
molecule in the lattice or, in other words, greater potential barriers to 
prevent rotation. The shape of the molecule is one of the most important 
factors in determining these barriers, since upon it will depend largely their 
distance of approach in a rotational oscillation, and upon this distance 
primarily depends the intermolecular force. If the molecules do not 
actually block one another’s rotation in the lattice, then the differences in 
the van der Waals forces exerted by different kinds of atoms and the size 
of the molecular dipole moment become important factors. 

The setting-in of rotation may occur gradually because of the unequal 
distribution of energy among the molecules, as in borneol or in arsine, in 
which latter substance the transition, after a gradual start, ends with a 
sharp increase in rotation. Commonly, however, the transition accom- 
panying the setting-in of rotation occurs almost as sharply as melting, be- 
cause of the weakening of the intermolecular forces in the neighborhood 
of a molecule which has begun to rotate. In a number of cases a second 
transition occurs with little or no lattice change after rotation has set in 
with rising temperature, its only considerable effect upon the dielectric 
constant being a change in its variation with temperature, presumably as 
the result of change in the internal field. It is probable that, in some cases, 
rotation sets in at the lowest transition about one axis only, and that the 
higher transition involves the setting-in of rotation around another axis, 
as in the case of the nitrate ion in ammonium nitrate. 

It has been previously mentioned that the energy changes accompanying 
the transitions of the hydrides seem to show no general relationships, 
although the heats of fusion of the hydrides with rotating molecules are 
much lower than those of the hydrides with non-rotating molecules. The 
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energy absorbed by a solid when molecular rotation sets in lies between 
3 per cent and nearly 100 per cent of the heat of fusion. Commonly, the 
energy content of a solid with rotating molecules just below the melting 
point differs from that of the liquid just above the melting point by little, 
if any, more than it differs from that of the solid below the temperature 
where rotation sets in. From a molecular point of view, the essential 
difference between a solid with rotating molecules and a liquid is that the 
molecules of the solid are vibrating about points fixed in a lattice, while 
molecules of the liquid arc vibrating about points which migrate slowly and 
irregularly through the liquid. 

No attempt is made in the present discussion to consider solids contain- 
ing more than one substance, except insofar as the effect of impurities is 
concerned. It is evident that non-polar molecular solids and most polar 
molecular solids have low dielectric constants arising principally from 
electronic displacements, while ionic solid dielectrics have higher, some- 
times much higher, dielectric constants because of ionic displacements in 
addition to the electronic. A few polar molecular solids have molecules 
which arc able to rotate within a considerable range of temperature, giving 
high dielectric constants over this range, and a few essentially ionic solids 
contain polar groups which can rotate and greatly increase the dielectric 
constant under certain conditions of temperature and frequency. 
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An examination of the effects of deuterium substitution upon the proper- 
ties of the oxide water discloses several interesting features. Those prop- 
erties which arc ordinarily classified as physical undergo as a rule less 
change on passing from the proto to the dcutcro form than do the properties 
which are classified as chemical. For example, the melting point of the 
waters is increased from 0° to 3.8°C., or +1.39 per cent on the absolute 
scale of temperature; the boiling point +0.39 per cent; the latent heat of 
fusion +6 per cent; and the latent heat of evaporation +2.5 per cent. 

On the other hand, it is not unusual for equilibrium constants to be 
increased or decreased three- to four-fold; i.e., the substitution of D 2 O for 
H 2 O as the solvent for the n^action produces effects which are roughly one 
hundred fold greater than are the effects upon purely physical properties. 

A noteworthy exception is the viscosity. Here we find a decrease of 
23.2 per cent on passing from H 2 O to D 2 O. Since the mobilities of the 
ions are determined primarily by viscosity, it is to be expected that the 
conductance of electrolytes will be reduced in corresponding manner. 

Aside from the viscosity, the dielectric constant plays the dominating 
role in influencing the behavior of electrolytes, since this property deter- 
mines the electrical free energy of the ions. The recent measurements of 
Horst Muller (14) and of Abadie and Champetier (1) indicate that the 
dielectric constants of D 2 O and II 2 O agree within 1 per cent. The dipole 
moments of H 2 O and D 2 O are identical. This fortunate circumstance 
permits a variation in viscosity without the complication of having the 
dielectric constant’ vary at the same time. In deuterium and protium 
oxides, nature has given us two single-component isodielectric solvents 
which are free from the objection which complicates the use of two-com- 
ponent isodielectric solvents; namely, that one component by \ irtue of its 
greater polarizability will be attracted to the neighborhood of an ion and 
the second component will be repelled from that neighborhood. 

Table 1 summarizes the effects of deuterium substitution upon the acidic 

363 



364 


VICTOR K. LA MER 


dissociation constants of weak acids. Particularly striking is the sixfold 
decrease in the ion product of the solvent. It is natural to expect, there- 
fore, that the kinetics of acid-base catalyzed reactions should exhibit 

TABLE 1 


The effect of deuterium substitution on the acidic dissociation constants of weak acids 


XX 10* 

VALUE IN 


OB0ERVSB* 

HjO 

DtO 

H,0+ 5=^ HaO + H+ 

55 5 

55.4 

^1 

Calculated 

Chloroacetic acid XlO* 

1.7 

0.6 

3. 

S. 

Salicylic acid XlO* 

0 97 

0.25 

3.8 

K. 

Acetic acid X10‘ 

1.84 

0.58 

3.2 

C. 

NH 4 + nh; -f- H+ XIO® 

5.5 

2.0 

2 3 

S. 

Hydroquinone XIO^^ 

2 6 

0.68 

3.8 

K. 

(H+)(OH-) XlQi^ 

1.00 

0.16 

6.2 

A., B., and R. 


* S. = Lewis and Schutz. 

K. = Korman and La Mer. 

C. ** La Mer and Chittum. 

A., B., and R. « Abel, Bratu, and Redlich. 

TABLE 2 


Effect of the substitution of deuterium for protium on reaction kinetics 


REACTION 

CATALYBT 


OBSERVER* 

Nitroethane neutralization 

OH- 

H5+0 

H3+0 

OH- 

H2O 

H 2 O 

H,0^ 

Ac“ 

(Hac)*^ 

6.0 

0 5 
0.67 
0.75 

5.2 
3.86 

1 32 

2 50 

2.2 

W. J. 

G. S. S. 

W. J. 

V. K. L. and J. G. 

W. H. H. and V. K. L. 
W. H. H. and V. K. L. 
W. H. H. and V. K. L. 
W. H. H. and V. K. L. 

Sucrose inversion 

Ester hydrolyses | 

Nitramide decomposition 

Mutarotation of glucose 



• W. J. = Wynne-Jones. 

G. S. S. = Gross, Suess, and Steiner. 

J. G. » La Mer and Greenspan. 

W. H. H. =* Hamill and La Mer. 

pronounced effects. Table 2 shows that not only are the kinetic effects 
surprisingly large, but they may be either positive or negative. 

The first reaction involves the rate of neutralization of the pseudo-acid 
nitroethane by hydroxyl ion and by deuteroxyl ion. The successive stages 
of this reaction were investigated by Wynne-Jones, using conductance 
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titrations. His results indicate that the rate at which a deuton in the 
nitrocthane molecule is donated to a base, like OH“ or OD”, is six times 
slower than the rate at which a proton is donated to the corresponding base. 

On the other hand, for the inversion of cane sugar — a reaction catalyzed 
exclusively by hydrogen ion — the rate is twofold faster in D 2 O than in H 2 O. 

The various H'^-catalyzcd ester hydrolyses appear to give uniform values 
of 0.67; the alkaline hydrolyses give 0.75 for the ratio ku/kjy. The 
solvent decomposition of nitramidc exhibits a decrease of 5.2 fold on passing 
from H 2 O to D 2 O. 



The mutarotation of glucose is a reaction which is subject to multiple 
calaljsis, but (by control of the pH and an accurate knowledge of the 
composition) it is possible to disentangle the effects of water, of H^ ion, 
of basic ions (like acetate), and finally, even the catalysis due to the un- 
dissociated molecule of ac^etic acid, without ambiguity and with consider- 
able precision, as shown recently (11) by Hamill and the author. 

The interpretation of these acid-base catalyzed reactions requires an 
accurate knowledge of the dissociation constants of the aci<l base systems 
involved. Since it is often impossible to obtain sufficiently large (juantities 
of 100 per cent D 2 O to carry out the kinetic measurements, it is necessary 
to resort to mixtures of D 2 O and H 2 O as the solvent. 
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An interesting question immediately arises. Are the kinetic and equilib- 
rium constants sufficiently linear functions of the deuterium content of 
the solvent, so that it is safe to extrapolate data at intermediate concen- 
trations to pure D2O? The answer in many cases is emphatically 
Both the kinetic and equilibrium-constant data frequently exhibit curves 
with marked sags. 

Figure 1 summarizes the conductance data of Weldon Baker (3). Curve 
I for potassium chloride indicates an almost linear decrease in equivalent 
conductance with increasing deuterium content of the solvent. Paul Wal- 
den has for many years advocated the rule that the mobility of ions in 
different solvents, when extrapolated to infinite dilution, should be in- 
versely proportional to the viscosity of the solvent; i.e., Aqt; = constant. 
The Debye-Hiickcl-Onsager conductance equation yields the same result, 
provided that on passing from one solvent to another to vary the viscosity, 
the effective ionic carriers and their effective radii remain unchanged. 
H2O and D2O represent two ideal solvents for testing the Walden rule. 
Since their dielectric constants are identical, the ionic cloud effects should 
be identical at the same low concentration (0.01 M) in both solvents. 
Hence A?? should also be a constant at this concentration. 

Curve IV show's that Kn] for 0.01 M potassium chloride is not exactly 
constant but rises steadily from 141.4 to 144.0, or 1.93 per cent. In more 
recent work Chittum (13) has shown that precisely the same small linear 
increase holds for potassium acetate. 

The cause of the small deviation from linearity in curve I (exhibited also 
by potassium acetate) is not certain. Fuoss suggests that the inconstancy 
of A77 may arise from a difference in the times of molecular relaxation of 
the two solvents, which time of relaxation is not adecjuately taken into 
account in the electrophoretic term of the Onsager equation. From a 
practi(;al point of view- it appears that sufficiently accurate values of A for 
salts at intermediate concentrations of H2O-D2O can be computed by 
linear interpolation of At;. 

The situation is entirely different when we investigate the conductance 
of acids. Curve II shows that 0.01 M hydrochloric acid exhibits a very 
marked sag curve. A similar state of affairs holds for acetic acid, for the 
dissociation constant of acetic acid, and for the Walden product A17 for 
both acids (13). 

A ready explanation (3) for the peculiar conductance of acids can be 
found in Born’s theory (5) of hydrogen-ion conductance, which has recently 
been given a quantum-mechanical dress by Bernal and Fowler (4). 

When an HsO^ ion is in sufficiently close contact with a water molecule, 
as in aqueous solutions, it need not retain its extra proton, since there is 
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another configuration of equal energy in which the extra proton has 
changed molecules, thus: 

H2O + H,0+ ^ H3O+ + H2O (1) 

At any given time there is an equal probability of the proton being on 
either of the water molecules. However, if there is an applied field, F, 
the probability of the proton being found on one or the other of the water 
molecules is altered by an amount proportional to F, the migration of the 
proton being directed toward the region of lower potential energy. 

The ions Cs^ Rb^, Th+ K"^, NH4^, Cl~ Br“, and I~ have about the 
same mobility in aqueous solutions, which is the maximum mobility of any 
ions except HaO^ and OH~. The ordinary mobility of ions of the same 
charge is primarily a function of their effective ionic volume and not of 
their mass. The conductance of HsO^ is about five times that of the ions 
just mentioned. If the mechanism of conduction of HsO^ were the same 
as that of other ions, the radius, calculated on the basis of Stokes' law, 
would be absurdly small (2.6 X cm.). According to the present view, 
the conductance of HsO*^ must be considered as composed of two parts, 
(1) ordinary conduction similar to that shown by other ions, and (2) 
proton exchanges leading to a Grotthus chain type of conduction. In 
H20~D20 solutions, in addition to proton exchanges between H2O mole- 
cules, several other types of proton and deuteron exchanges are possible. 


D20“|-ID50'^ D80'^-f-D20 

(2) 

HDO+H2DO+ H2DO++HDO 

(3) 

HDO+HD2O+ ;p± HD2O++HDO 

(4) 

HDO+H2DO+ HD,0++H20 

(5) 

HDO+HD2O+ H2DO++D2O 

(6) 

H,04-D,0+ H*D0++D20 

(7) 

D20-1-H,0+ HD20++H,0 

(8) 


The symmetrical exchanges represented by equations 2, 3, and 4 are 
similar to equation 1 in having the same energy after the proton or deu- 
teron transfer as before. On the other hand the unsymmetrical exchanges 
represented by equations 5, 6, 7, or 8 require an absorption of energy from, 
or an evolution of energy to, the surrounding medium. The frequency of 
the exchanges illustrated by equations 1, 2, 3, and 4 is all of the same order 
of magnitude, while the frequency of those illustrated by equations 5, 6, 
7, and 8 will be less because of the necessity of exchanging energy simul- 
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taneously with the surrounding medium. At a concentration of 50 per 
cent D 2 O, we have the maximum probability that an acid ion will not be 
next to a water molecule with which its extra proton or deuteron can 
exchange readily. In addition to this classical explanation there are also 
quantum-mechanical reasons for a lowered rate of transfer in equations 
5 to 8. 

In table 3 A* refers to the Grotthus chain contribution obtained by 
subtracting the normal mobilities from the observed mobility A. It will 
be noted that although the fundamental picture presented by Bernal and 
Fowler is undoubtedly correct, their quantitative predictions fall wide of 
the mark. 


TABLE 3 


OBBKRVCD BT BAKXR AND LA MSB 

PREDICTED BY BERNAL 
AND FOWLER 

Ah*/A*D+ “ 

268/182 -1.48 

20. 

Ah+/A D+ 

339.8/242.4 - 1.48 

5. 


E.M.F. IN D2O 


When hydroquinone, QH 2 , is dissolved in D 2 O the two phenolic protons^ 
establish instantly an exchange equilibrium with the deutons of the sol- 
vent. It is only at high temperatures (100®C.) and in alkaline media that 
the protons attached to carbon undergo a slow exchange (15). The quin- 
hydrone (Q.QH 2 ) electrode by virtue of the rapidity of this exchange fur- 
nishes a means well adapted for studying exchange equilibria and the 
dissociation constants of acids in H 2 O-D 2 O mixtures. 

Korman (12) has investigated the cell 


Ft 



(0.01 M) in H 2 O-D 2 O 


AgCl, Ag 


His results for E | 0.01 M HCl | plotted against the deuterium content of 
the solvent are shown in figure 2. The e.m.f. in pure D 2 O is 34.5 mv. 
higher than in H 2 O. Most interesting is the appearance of a small but 
definite minimum value for 5 per cent D. Abel, Bratu, and Redlich (2) 
have investigated the cell 


Ft, H 2 -D 2 (g) I HCl-DCl in H 2 O-D 2 O 1 AgCl, Ag 


This cell also yields a minimum value for the e.m.f., but at about 40 mole 
per cent D. Table 4 gives a summary of the exchange equilibrium con- 
stants which may be calculated by combining both sets of measurements. 


^ Unpublished analyses by D. Price. 
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The exchange 

2D+ + H 2 O ^i± 2H+ + D 2 O 

exhibits the surprisingly large value K = 15.30. This unequal distribu- 
tion of the acid ions is of considerable importance in interpreting the 



Fia. 2. Quinhydrone electrode in heavy water. ^o.oiA/nci 
TABLE 4 


Exchange equilibria in solution 


NO. 

PKOCBSS 

JBO „ 

(0.059/n) 
log X 

K 

OBBBRVCR 

I 

2DC1 + QH, - 2HC1 + QD, 

0.0345 

14.64 

L. and K. 

II 

QH, + D,0 - QDj + H,0 


0.96 

H. and L. 

Til 

2DC1 + H,0 - 2HCI + D,0 


15.30 

I-II 


2DC1 + H,(g) = 2HCI + D,(g) 

0.0034 

1.30 

A., B., and R. 

V 

D,(g) + H 2 O = H,(g) + D,0 


11.80 

IlI-IV 

VI 

QH, + D,(g) - QD. + H,(g) 


11.26 

I-IV 

VII 

2H,0 + D,(g) + 2NaOD - 2D.0 + H,(g) + 
2NaOH 

0.0431 

28.58 

A., B., and R. 

VIII 

H,0 + 2NaOD - D,0 + 2NaOH 


2.42 

VII-V 

IX 

HCl + NaOD - DCl + NaOH 


0.40 

Vi (VIII-III) 

X 

2NaOD + H,{g) - 2NaOH + D,(g) 


.21 

VII-2V 

XI 

D+ + OD- + H,0 - H+ + OH- + D,0 

0.0233 

6.13 

1^(VII + IV) 


kinetic data of acid-base catalyzed reactions. K of reaction V, represent- 
ing the exchange between the gases and the waters, is the square of the 
constant K'i employed by Farkas (7). Our e.m.p. value for = 3.44 is 
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in excellent agreement with the averaged value of 3.36 obtained by previous 
investigators using analytical methods. 

The E.M.F. of cells of the type 

^ {aS {ca} <"') + N»A(M.) + N.Cl(Jlf.) in I AgCl , Ag 

where A refers to the anion of a weak acid, permits one to calculate the 
dissociation constants of the weak acid in the H 2 O-D 2 O mixtures. The 
results are in agreement with those obtained by conductance (table 1). 

KINETICS 

When the relative velocities of sucrose inversion, catalyzed by hydrogen 
and deuterium ions in mixtures of H 2 O and D 2 O, as compared to the vcloc- 



Fig. 3. Inversion of sucrose. O, FdiOJ +, ^D+ 


ity in pure water, are plotted against the fraction of D in the solvent, not 
only is a very marked sag curve obtained, but the rate is more rapid in 
D 2 O (figure 3). Obviously the rate of this reaction is not proportional to 
the concentration of deuterium in the solvent; the explanation based upon 
the slower rate of proton as compared to dcuteron transfer offered for the 
neutralization of nitroethane is inadequate. Wynne-Jones (16) therefore 
suggested that the greater rate in D 2 O requires an equilibrium of the type: 

Sucrose + Acid ^ (Sucrose H+ Complex) + Conjugate Base 

and a rate mechanism proportional to the dissociation of the sucrose ion. 

It is possible to test this suggestion quantitatively (10) by assuming that 
the relative rates will be proportional to the relative deuterium^ and hydrogen- 
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ion concentrations. In other words, a plot (crosses in figure 3) of the rela- 
tive rate against the deuterium-ion concentration should yield a linear 
relation. The calculated value for the equilibrium constant for the reac- 
tion 

H+ + HDO = D+ + H 2 O 

for each kinetic measurement in the mixed solvent yields 
K = 0.11, 0.12, 0.10, 0.14 

Korman (12) has measured this equilibrium independently by electro- 
motive force methods, and found a value of 0.14. The constancy and the 
agreement between the kinetically assumed and the independently meas- 
ured values of this equilibrium constant furnish evidence that our inter- 
pretation is correct (10). 

When a similar explanation is advanced for the now abundant data on 
the solvent catalysis of glucose mutarotation, Hamill (11) found that the 
kinetically computed and the experimentally measured values for the 
exchange constant between light and heavy glucose w^ere K = 0.84 and 
0.G9, respectively. The latter value refers to the geometric mean of the 
individual exchange constants of the five mobile hydrogens of glucose. It 
is to be expected that the kinetically determined values of K obtained from 
the equations 

Khsd. = ^(HaO) (^HaO ^’Dao)^ DO 

(DG)/(HG) = Fdg/(1~^W 
K = (DG)(HOH) / (HG)fHDO) 

would involve only the kinetically active hydrogen on the aldehydic group. 
The exchange constant for tetramethylglucose, which possesses only this 
one exchangeable hydrogen on the aldehydic group, was found to be K 
= 0.83 (9). The significance of this agreement is demonstrated by the 
close adherence of the velocity constants to the linear relationship when 
they are plotted against the fraction of heavy glucose Fdg rather than 
Fd of the solv ent (figure 4) . 

The experimental data for the acetate ion, the hydrogen ion, and the 
molecular acetic acid catalysis of mutarotation are necessarily of lower 
precision. They can be described as linear within the experimental error, 
in respect to either Fdq or Fd,o. 

The important role which the kinetics of the decomposition of nitramide, 
H2N202 — > N 2 O + H 2 O, has played in the development of the modern 
concepts of acid-base catalysis, the remarkable obedience to a first-order 
rate equation, and the freedom from complicating side reactions — an ideal 



372 


VICTOR K. LA MER 


behavior which is equally valid in heavy-water mixtures — make isotopic 
investigations of this reaction particularly significant. The reaction is not 
very sensitive to acid catalysis, but it is exceedingly sensitive to the pres- 
ence of basic molecules. The catalytic minimum is broad. Between pH 
values of 2 to 5 it is flat. The substrate is a weak monobasic acid of disso- 
ciation constant 10~^. 

A semi-micro constant-volume gas evolution apparatus has been de- 
veloped to investigate the reaction in D 2 O (8) . The results are as accurate 
(plus or minus 1 per cent) with 10 cc. of solvent as with the former macro 
apparatus, which required 100 cc. of solvent. 

One is confronted with several possibilities for the mechanism of the 
reaction. The simplest assumption that only one form of substrate, pro- 



Fia. 4. Water catalysis in HaO-D20 at 24.97°C. 


tonitramide, exists in the mixed waters and that this molecule undergoes a 
5.2 fold slower rate of decomposition in D 2 O than in H 2 O can be eliminated 
on the grounds of the non-linear character of the curve and the acid proper- 
ties of nitramide. A related mechanism extended to include the specific 
catalytic effects of HDO yields values of A;udo which rise steadily. Hence 
this mechanism is improbable. 

An equilibrium of the type 

H 2 N + D 2 O = HDN + KDO; 

may be computed from the kinetic data in a manner analogous to that 
employed above for mutarotation. In terms of mechanism this scheme 
means that the velocity is determined entirely by the concentration of the 
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two forms of nitramide, the medium having no direct influence on the rate- 
determining step. Table 5 shows that the kinetically calculated values of 

TABLE 5 

Solvent decomposition of nitramide 


(Measurements by Joseph Greenspan) 


PER CENT D IN SOLVENT 

10«A 

A'n 

^^N 

4.69 

1176.0 

3.37 

33.46 

28.10 

861.1 

2.91 

3.97 

45.83 

661.8 

3.07 

2.00 

77.91 

384.4 

3.39 

0.56 

95.40 

271.7 

3.32 

0.10 

98.67 

250.7 

3.55 




3.27 ± 0.2 




Fia. 5. 

• A; vs 100 X — * A; vs 100 X Fcaicd. 

u . iu« y 

Xn are remarkably constant over the range of 4 to 99 per cent D 2 O. The 
calculated value of the velocity constant, using the average value Xn 
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= 3.27, agrees with the observed values within experimental error as shown 
by the small deviations from the straight line in figure 5. Unfortunately 
the instability of nitramide has thus far prevented a direct determination 
of the exchange constant. 

We have also tested the possibility that two protons are exchanged. 
The resulting exchange (i^N) constant drifts violently, which we take 
as evidence that the exchange of one, and not two protons, is kinetically 
important. This result agrees with Pedersen’s idea that the proton bound 
to nitrogen in the “aci” form is the one involved in the rate-determining 
step. 

It appears from the data just cited that the displacement of the equilib- 
rium of the isotopic exchange of the substrate or of the catalyst molecules 
with the solvent is an important factor in interpreting the kinetics in 
heavy-water mixtures. 
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